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Summary
This Ph.D. project can be divided into two main sections. The first one, covering chapters 2 
to 7, deals with the calculation of vapour-liquid, solid-liquid, and speciation equilibria for 
sparingly soluble salts found in natural waters, under hydrothermal conditions (up to 300ºC 
and 1000 bar). Chapters 8 and 9 focus on the experimental part of this dissertation, 
analyzing different experimental procedures to determine salt solubility at high temperature 
and pressure, and developing a setup to perform those measurements.  
The motivation behind both parts of the Ph.D. project is the problem of scale formation 
found in many industrial processes, and especially in oilfield and geothermal operations. 
We want to contribute to the study of this problem by releasing a simple and accurate 
thermodynamic model capable of calculating the behaviour of scaling minerals, covering a 
wide range of temperature and pressure. Reliable experimental solubility measurements 
under conditions similar to those found in reality will help the development of strong and 
consistent models. 
Chapter 1 is a short introduction to the problem of scale formation, the model chosen to 
study it, and the experiments performed. 
Chapter 2 is focused on thermodynamics of the systems studied and on the calculation of 
vapour-liquid, solid-liquid, and speciation equilibria. The effects of both temperature and 
pressure on the solubility are addressed, and explanation of the model calculations is also 
given.
Chapter 3 presents the thermodynamic model used in this Ph.D. project. A review of 
alternative activity coefficient models an earlier work on scale formation is provided. A 
guideline to the parameter estimation procedure and the number of parameters estimated in 
the present work are also described. 
The prediction of solid-liquid equilibrium of sulphate scaling minerals (SrSO4, BaSO4,
CaSO4 and CaSO4·2H2O) at temperatures up to 300ºC and pressures up to 1000 bar is 
described in chapter 4. Results for the binary systems (M2+, ?24SO )-H2O; the ternary systems 
(Na+, M2+, ?24SO )-H2O, and (Na
+, M2+, Cl-)-H2O; and the quaternary systems (Na
+, M2+)(Cl-
, ?24SO )-H2O, are presented. M
2+ stands for Ba2+, Ca2+, or Sr2+.
Chapter 5 is devoted to the correlation and prediction of vapour-liquid-solid equilibria for 
different carbonate systems causing scale problems (CaCO3, BaCO3, SrCO3, and MgCO3),
covering the temperature range from 0 to 250ºC and pressures up to 1000 bar. The solubility 
of CO2 in pure water, and the solubility of CO2 in solutions of different salts (NaCl and 
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Na2SO4) have also been correlated. Results for the binary systems MCO3-H2O, and CO2-
H2O; the ternary systems MCO3-CO2-H2O, CO2-NaCl-H2O, and CO2-Na2SO4-H2O; and the 
quaternary system CO2-NaCl-Na2SO4-H2O are given. M
2+ stands for Ca2+, Mg2+, Ba2+, and 
Sr2+. This chapter also includes an analysis of the CaCO3-MgCO3-CO2-H2O system. 
Chapter 6 deals with the system NaCl-H2O. Available data for that system at high 
temperatures and/or pressures are addressed, and sodium chloride solubility calculations are 
performed up to 2000 bar. 
Chapter 7 includes a validation of the model by comparing our predictions to data for real 
natural waters not used during the parameterization. A very good agreement between our 
predictions and the field observations is obtained, making us confident about the validity of 
the model, despite the high temperature, pressure and ionic strength of the tested systems. 
In chapter 8, alternative experimental procedures to determine solubility at high temperature 
and pressure are introduced: Synthetic fluid inclusion technique, electrochemical technique, 
quartz crystal microbalances, and conductivity measurements. 
Chapter 9 describes the experimental procedure followed and the setup employed to 
determine barite solubility in NaCl solutions at high temperature and pressure. The 
analytical technique chosen to determine Ba2+ concentrations (inductively coupled plasma 
mass spectrometry) is explained. Few experimental results for the systems NaCl-H2O (used 
for validation) and BaSO4-NaCl-H2O are reported and analyzed. 
Chapter 10 contains the conclusions of the Ph.D. project. 
Resume på Dansk 
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Resume på Dansk 
Dette Ph.D. projekt kan inddeles i to hovedsektioner. Den første hovedsektion dækker 
kapitlerne 2 til 7 og handler om beregning af damp - væske, fast stof – væske og 
specieringsligevægte for tungt opløselige salte som findes i naturligt forekommende vand 
under hydrotermiske betingelser (op til 300ºC og 1000 bar). I kapitlerne 8 og 9 fokuseres 
der på den eksperimentelle del af denne afhandling. Her analyseres forskellige 
eksperimentelle metoder til bestemmelse af saltopløselighed ved høje temperaturer og tryk. 
Desuden beskrives udviklingen af en eksperimentel opstilling til at foretage disse målinger.  
Motivationen bag begge dele af dette Ph.D. projekt er problemet med aflejring af mineraler 
fra vandige opløsninger. Det er et problem man møder i mange industrielle processer og 
ganske særligt inden for olieindvinding og indvinding af geotermisk energi. Vi ønsker at 
bidrage til studiet af dette problem ved at offentliggøre en simpel, men nøjagtig 
termodynamisk model der er i stand til at gengive faseforholdene for disse tungt opløselige 
salte i et bredt temperatur- og trykinterval. Gode eksperimentelle målinger under 
betingelser, der svarer til de naturlige hydrotermiske betingelser bidrager til at udvikle gode 
modeller.
Kapitel 1 er en kort introduktion til problemet med aflejring af mineraler samt modellen, der 
er valgt til at beskrive fænomenet og de eksperimenter, der er blevet udført. 
Kapitel 2 fokuserer på den termodynamiske beskrivelse af de pågældende systemer, og på 
beregning af damp – væske, fast stof – væske og specieringsligevægte. Opløselighedens 
temperatur- og trykafhængighed beskrives og der gives forklaringer om 
modelberegningerne.
I kapitel 3 præsenteres den termodynamiske model, der bruges i dette Ph.D. projekt. Der 
gives et resume af alternative aktivitetskoefficientmodeller og tidligere arbejder om 
saltaflejringer. Metoden til at bestemme modelparametre beskrives og antallet af parametre 
diskuteres.
Forudsigelse af fast stof – væske ligevægt for tungt opløselige sulfatmineraler (SrSO4,
BaSO4, CaSO4 and CaSO4·2H2O) ved temperaturer op til 300ºC and tryk op til 1000 bar 
beskrives i kapitel 4. Resultater for de binære systemer (M2+, ?24SO )-H2O; de ternære 
systemer (Na+, M2+, ?24SO )-H2O, og (Na
+, M2+, Cl-)-H2O; samt de kvaternære systemer 
(Na+, M2+)(Cl-, ?24SO )-H2O præsenteres. M
2+ står for Ba2+, Ca2+, eller Sr2+.
Kapitel 5 indeholder hovedsageligt beskrivelsen af arbejdet med at korrelere og forudsige 
damp – væske ligevægte for forskellige karbonat systemer, der forårsager problemer med 
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mineraludfældning (CaCO3, BaCO3, SrCO3, og MgCO3). Korrelationen gælder 
temperaturintervallet fra 0 til 250ºC and tryk op til 1000 bar. Opløseligheden af CO2 i rent 
vand og opløseligheden af CO2 i forskellige saltopløsninger (NaCl and Na2SO4) er også 
omfattet af denne korrelation. Resultater for de binære systemer MCO3-H2O, og CO2-H2O;
de ternære systemer MCO3-CO2-H2O, CO2-NaCl-H2O, og CO2-Na2SO4-H2O; og det 
kvaternære system CO2-NaCl-Na2SO4-H2O rapporteres. M
2+ står for Ca2+, Mg2+, Ba2+, og 
Sr2+. Dette kapitel omfatter også en analyse af CaCO3-MgCO3-CO2-H2O systemet. 
Kapitel 6 drejer sig om NaCl-H2O systemet. Data for dette system ved høje temperaturer og 
tryk rapporteres og natriumklorid opløseligheder beregnes op til 2000 bar. 
I kapitel 7 valideres den udviklede model ved at sammenligne modelberegninger med data 
for naturligt forekommende vand, der ikke blev brugt til parameterbestemmelsen. 
Overensstemmelsen mellem vore forudsigelser og feltobservationerne er udmærket. Da 
opløsningerne fra disse feltobservationer har høj temperatur, højt tryk og høj ionstyrke 
styrker disse beregninger vor overbevisning om modellens gyldighed. 
I kapitel 8 introduceres alternative eksperimentelle metoder til bestemmelse af 
opløseligheder ved høj temperatur og tryk: Synthetic fluid inclusion teknikken, den 
elektrokemiske teknik, metoder med anvendelse af quartz krystal microvægte og 
ledningsevnemålinger. 
Kapitel 9 omhandler den eksperimentelle metode og opstilling der blev anvendt i dette 
projekt til bestemmelse af barit opløselighed i NaCl opløsninger ved høj temperatur og højt 
tryk. Den analytiske teknik der blev valgt til bestemmelse af Ba2+ koncentrationer (ICP-MS, 
Inductively Coupled Plasma Mass Spectrometry) forklares. Nogle få eksperimentelle 
resultater for systemerne NaCl-H2O og BaSO4-NaCl-H2O rapporteres og analyseres. 
Kapitel 10 indeholder konklusionerne, der kan drages af Ph.D. projektet. 
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Symbols
Symbol
?? pressure parameter 1
?? pressure parameter 2
?? activity coefficient
?r0 standard change in a chemical reaction
?? chemical potential
?? stoichiometric coefficient / kinematic viscosity
?? fugacity coefficient / volume fraction
?? partial molal compressibility
?? isothermal compressibility
?? osmotic coefficient
? constant (200 K) in equation 2-33 / constant (228 K) in equation aI-2
?? surface area fraction
?? fraction given in equation 3-6 / constant (2600 bar) in equation aI-2
?? rotational speed
r volume parameter
q surface area parameter
u interaction energy parameter
a activity
f fugacity
A Debye-Hückel parameter / area
b Debye-Hückel constant
F Faraday's constant / frequency
NA Avogadro's number
N harmonic
??? vacuum permitivity
d / ? density
D dielectric constant / diffusion coefficient
iL limiting current
C concentration in mol dm-3
constant (41.84 bar cm3 cal-1) in equation aI-2
c stiffness
I ionic stregth
G Gibbs free energy 
H enthalpy
S entropy
Hi,j Henry's constant of species i in solvent j
Cp heat capacity
Ke equilibrium constant
P pressure
P0 reference pressure
Symbols 
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Symbol
R gas constant
s solubility
T temperature 
T0 reference temperature
V partial molar volume
V volume
x mole fraction in the liquid phase
y mole fraction in the vapour phase
M molar mass / molarity
m molality
z coordination number / ionic charge
w Born coefficient
å ion size parameter in Helgeson's approach
a, b, c, d, e used in equation 2-42, explained in equation 2-43
a1,j, a2,j, a3,j, a4,j Helgeson's coefficients (equation aI-2)
c1,j, c2,j Helgeson's coefficients (equation aI-2)
bil, bni, bnl short-range interaction parameters in Helgeson's approach
Z, Q, Y solvent Born functions in Helgeson's approach
??? mole fraction-molality conversion factor
M2+ Ba2+, Ca2+, Sr2+, Mg2+
F objective function
SD standard deviation
ASD average standard deviation
AAD average absolute deviation
MAAD mean average absolute deviation
RD residual deviation
CV variation coefficient
ndata number of data
n number of moles
l liquid phase
g vapor phase
Cp1, Cp2, Cp3 heat capacity coefficients
superscripts  
0 pure component standard state
* solute standard state (mole fraction)
E excess
IG ideal gas
? infinite dilution
sat saturation
m molality scale
subscripts  
w water
l liquid phase
c crystalline
Symbols 
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subscripts  
g vapour phase
dis disolution reaction
m molality scale
calc calculated
exp experimental
f formation
r reaction
q quartz crystal
Symbols 
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1. Introduction 
The present Ph.D. project covers both modelling and experimental determinations of the 
solubility of scaling minerals in natural waters under hydrothermal conditions, in 
connection with the problem of scale formation. This chapter gives a general introduction to 
the problem of scale formation, to the model used to estimate the solubility behaviour of 
scaling minerals, and to the experimental setup developed to determine salt solubility at 
high temperature and pressure. 
1.1 Scale Formation 
Scale formation is a common problem in many industrial processes, such as the production 
of oil (Shams El Din and Mohammed, 1989, Yuan et al., 1994, 1997, Sorbie and Mackay, 
2000, Dyer and Graham, 2002) and the production of geothermal energy (Arnorsson, 1989, 
Gill, 1998, Potapov et al., 2001). It can be defined as hard adherent mineral deposits that 
precipitate from brine solution. The amount and location of scale depends on different 
factors, such as the degree of supersaturation, kinetics, solution pH and composition, CO2
content, temperature and pressure.  
In the reservoir, the natural water is in equilibrium with its surroundings at ambient 
temperature and pressure. As the brine flows up through the well, both temperature and 
pressure decrease considerably and the equilibrium is disturbed. This will generally lead to 
solid-phase deposition (Atkinson et al., 1991). The formation of carbonate scale is mainly 
associated with the pressure and pH changes of the production fluid, while the occurrence 
of sulphate scale is mainly due to the mixing of incompatible brines.  
Carbon dioxide is generally present in large amounts in geothermal and oilfield fluids at 
reservoir temperature and pressure conditions. The decrease of pressure during the flow 
path reduces considerably the solubility of carbonate minerals, leading in some cases to the 
deposit of solid minerals (CaCO3, MgCO3, BaCO3, SrCO3) in the inner wall of the pipe. 
From all the carbonate minerals, calcite (CaCO3) seems to be the most likely to precipitate 
(Wat et al., 1992). The most commonly found carbonate scales in the oil industry are the 
salts of calcium, barium, and strontium (Li et al., 1995). Dyer and Graham (2002) also 
added magnesium carbonates to that list.  
In offshore oilfield developments, mixing of incompatible waters due to water flooding is 
the main cause of sulphate scale formation. Two waters are incompatible if they interact 
chemically and precipitate minerals when mixed. When sulphate-rich injection water (often 
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seawater) is mixed with the Ba2+, Ca2+ and Sr2+- rich formation water, it is very likely that 
barite (BaSO4), celestite (SrSO4), gypsum (CaSO4·2H2O) and/or anhydrite (CaSO4)
precipitation takes place (Sorbie and Mackay, 2000). 
Mineral scale deposition causes serious damage in utilization systems and reduces the flow 
area. Therefore, the production rate (and the re-injection capacity) drops down, with the 
consequent economical loss: BP looses around 4 million bbls per year in the North Sea 
(Graham and Mackay, 2003). The cross section decrease caused by solid deposition onto 
the inner wall of a pipe is shown in figure 1-1. In some cases, the choke of the flow line is 
so large that the well needs to be closed (Zhang et al., 2001). Scaling can also cause safety 
problems due to blockage and failure of valves (Graham and Mackay, 2003). According to 
Dyer and Graham (2002), the future expectations in the oil field in the North Sea are even 
more alarming, due to the recent development of reservoirs with a very large salinity (total 
dissolved solids around 300000 ppm), high temperature (more than 175oC) and high 
pressure (800-1000 bar) (Eastern Trough Area Project, ETAP).
Figure 1-1. Scale formation in a pipe. 
In the geothermal field, mineral deposition limits the degree of utilization of geothermal 
energy. Geothermal energy has many advantages (it is renewable, clean, safe and flexible) 
but it is necessary to minimize operation costs in order to make its production competitive 
with other energy resources. 
1.2 Thermodynamic Model 
Scale prevention is technically and economically more effective than redissolution once 
scale has formed. One essential step in scale prevention is scale prediction. Unfortunately, 
that is a difficult task because the thermodynamics of brines is a sensitive function of their 
composition, temperature and pressure. These variables change considerably during the 
flow path of the fluid and can also vary significantly from well to well (even within the 
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same resource area). Moreover, they can change in a single well over the lifetime of the 
resource. Therefore, effective prediction of the scaling tendency requires a reliable 
thermodynamic model. In this Ph.D. project we have focused on the prediction of mineral 
solubility in natural waters under conditions of varying brine composition, temperature and 
pressure.
The majority of the programs (He and Morse, 1992, Møller et al., 1998, Zhenhao et al., 
1996) employed to predict scale tendency use the framework provided by Pitzer (1991). For 
multicomponent solutions, Pitzer’s approach requires both binary and ternary parameters 
and thus both binary and ternary experimental data for all the species in the mixture. 
Unfortunately, such data are not available for some systems of importance in natural waters, 
and are especially scarce at the high temperature and pressure conditions we are dealing 
with. In many cases the quantity and quality of experimental data do not justify the use of 
many parameters. Clearly, a method requiring limited amount of data but leading to 
accurate predictions for the solid-liquid-vapour equilibrium and crystallization processes for 
electrolyte solutions would be of great use. This is the case of the extended UNIQUAC 
model, which is the thermodynamic model selected in the present work to determine the 
aqueous-phase activity coefficients, while the vapour-phase fugacities are determined by the 
Soave-Redlich-Kwong (SRK) cubic equation of state.
The extended UNIQUAC model is capable of accurately representing multicomponent 
systems with common ions, covering a range of temperature and ionic strength large enough 
to represent the conditions found in geothermal and oil production wells. Using this 
approach, the number of parameters is considerably lower than the number of parameters 
required by Pitzer’s model (only two parameters per species plus two parameters per 
species pair are required by the extended UNIQUAC model). At the same time, the 
temperature dependency is accounted for in the model equations, avoiding the introduction 
of a new set of parameters. Two additional parameters have been added to the model 
presented by Thomsen and Rasmussen (1999), in order to account for the pressure 
dependency. The results obtained through this modification are very satisfactory in the 
pressure range investigated (1 to 1000 bar).
This work presents the results obtained for some of the major species present in natural 
waters and some of the most problematic scaling minerals found in oilfield and geothermal 
operations (BaSO4, SrSO4, CaSO4, CaSO4?2H2O, CaCO3, BaCO3, SrCO3, MgCO3).
Parameters for the system CO2-Na-H-Ca-Mg-Ba-Sr-OH-Cl-SO4-CO3-HCO3 have been 
estimated on the basis of available experimental SLE data. 
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1.3 Experimental Determination of Solubilities 
There is a general lack of data on the solubility of most of the scaling minerals in water and 
in NaCl solutions, especially at high temperatures and pressures. Some of the available data 
are inconsistent, and most of the published data only cover a narrow range of low 
temperature (around 25ºC) and NaCl concentration, and are measured at atmospheric 
pressure. The use of such data can lead to weak models and inaccurate predictions. The few 
sources dealing with high temperature and pressure cannot be cross-checked due to the 
different conditions measured. Therefore, a larger databank is necessary to understand and 
predict the causes of precipitation and dissolution of scaling minerals in nature. 
During this Ph.D. project, an experimental setup has been developed in order to determine 
barite solubility in the ternary system NaCl-BaSO4-H2O from very diluted solutions to the 
saturation point. The setup can cover the temperature range from room conditions up to 
300ºC, and pressures up to 10000 psi. 
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2. Thermodynamics 
This chapter is intended to explain the thermodynamic basis needed to describe solubility 
phenomena and calculate solid-liquid, vapour-liquid, and speciation equilibria at various 
temperatures and pressures. 
The condition for chemical equilibrium for a species B at a given temperature T and 
pressure P in the phases ? and ? is that the chemical potential of B be equal in the two 
phases:
),,(),,( ???? ?? nn PTPT BB ?                  (2-1) 
where n represents the concentrations of the different components in the system and ?? the 
chemical potential of B. If more than two phases are present, equation 2-1 is extended to all 
of them. The chemical potential of component B is the sum of the standard state chemical 
potential and a concentration dependent term which is calculated in this work by means of 
the extended UNIQUAC model. 
2.1 Standard States 
The standard state for solid phases is the pure crystalline component at the system 
temperature and pressure. 
The standard state for vapour species is the pure ideal gas at the reference pressure P0
(chosen to be 1 bar) and the temperature of the system. 
For the liquid phase, two different standard states are used, one for the solvent and another 
for the ions and molecules. The symmetric convention is used for water, while the 
unsymmetric convention based on mole fraction is used for all other species.
The chemical potential of water can be written as 
)ln(ln 00 wwwwww xRTaRT ???? ????                  (2-2) 
In equation 2-2, 0w?  is the standard state chemical potential of water, which is the chemical 
potential of pure liquid water at the system temperature and pressure, aw is the water 
activity, R is the gas constant (8.314 J mol-1 K-1), T is the system temperature in Kelvin, xw
is the mole fraction of water, and ?w is the symmetric water activity coefficient. According 
to the symmetric convention, the activity coefficient of water is unity in the pure component 
state at all temperatures ( 1?w? as 1?wx ).
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For aqueous solutions, the osmotic coefficient (?) is usually used as a measure for the 
activity of water.  
ln w
w Bj Bj
j
a
M m?
? ? ?
?
                  (2-3) 
where Mw is the molar mass of water in kg mol-1, mB is the molality of salt B, which 
dissociates into ?Bj moles of ions per mol of salt. 
The chemical potential of ion i (or any solute i) can be written as
)ln( ** iiii xRT ??? ??                   (2-4) 
where *i?  is the standard state chemical potential of ion i based on the unsymmetrical 
convention and mole fraction scale, at the system temperature and pressure. *i?  is the 
rational unsymmetric activity coefficient for ion i, where 1* ?i? as ?xi 0? . The standard 
state is the pure component standard state normalized so that solute activity coefficients are 
equal to unity at infinite dilution.  
The unsymmetric activity coefficient can be calculated from the symmetric activity 
coefficient and the symmetric activity coefficient at infinite dilution (? ? ):
??
i
i
i ?
?? *                     (2-5) 
2.2 Vapour-Liquid Equilibrium 
Equilibrium is reached when equation 2-1 is fulfilled for all the components and phases of a 
system. For a volatile component as H2O, the vapour-liquid equilibrium (VLE) is 
represented as 
(g)OH(l)OH 22 ?                   (2-6) 
And equation 2-1 becomes 
gwlw ,, ?? ?                   (2-7)
where the subscripts l and g refer to liquid and vapour phases, respectively.
For the liquid phase, the chemical potentials of water and CO2 are given by equations 2-2 
and 2-4, respectively. 
The chemical potential of the volatile component i (water, carbon dioxide) in the vapour 
phase can be calculated as 
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0
,
,
ˆ
ln
P
f
RT giIGigi ?? ??                     (2-8) 
where IGi?  is the chemical potential of component i in the standard state, P0 is the reference 
pressure (1 bar), and gif ,ˆ  is the fugacity of component i in the gas phase at the temperature 
and pressure of the system, which can be written as 
Pyf giigi ,, ˆˆ ??                     (2-9) 
where yi refers to the mole fraction of component i in the gas phase, P is the total pressure, 
and gi,?ˆ is the fugacity coefficient for component i in the gas phase, calculated in this work 
from the Soave-Redlich-Kwong (SRK) cubic equation of state. For sufficiently low 
pressures, the fugacity coefficient is close to unity, and the fugacity of species i can be 
assimilated to the partial pressure of that component. 
By combining equations 2-2, 2-7, 2-8 and 2-9, the condition 2-1 for equilibrium between 
vapour and liquid can be written: 
0
,0
ˆ
lnln
P
Py
RTxRT gwwIGwwww
?
??? ???               (2-10) 
and the vapour-liquid equilibrium equation for water can be expressed as: 
RTPx
Py IGww
ww
gww ??
?
? ?
?
0
0
,
ˆ
ln                    (2-11) 
The approach used in equation 2-11 requires the chemical potentials of liquid ( 0w? ) and 
vapour ( IGw? ). These potentials are not available at temperatures above the critical. For this 
reason, a different approach using the Henry’s constant and a Poynting correction is chosen 
for CO2.
The fugacity of a component i in the liquid phase can be calculated as 
iijili xHf
*
,,
ˆ ??                  (2-12) 
where Hi,j is the Henry’s law constant of component i in solvent j. It is defined as 
ij
i
nPTii
li
xji x
f
H
?
?
?
?
?
?
?
?
?
?
?
,,
*
,
0,
ˆ
lim
?
              (2-13)
The dependency of fugacity with pressure is given from classical thermodynamics as 
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RT
V
P
f i
nT
i ??
?
?
?
?
?
?
?
?
?
,
ˆln
              (2-14)
where iV is the partial molar volume of component i. Integrating equation 2-14 from a 
reference pressure P0 to pressure P:
???
?
???
? ?
??
RT
PPVff iPliPli
)(
expˆˆ 0,,,, 0                (2-15) 
Inserting the definition of fugacity given by equation 2-12 into equation 2-15: 
???
?
???
? ?
??
RT
PPVxHf iiiPjiPli
)(
expˆ 0*,,,, 0?                            (2-16) 
Inserting equation 2-16 in the definition of the Henry’s law constant (equation 2-13), the 
dependency with pressure is obtained: 
ji
i
nTP
i
i
Pli
xji RT
PPV
x
f
H
?
?
?
?
?
?
?
?
?
???
?
???
? ?
?
?
,,
0,,
0,
)(
exp
ˆ
lim 0               (2-17) 
At infinite dilution (xi?0), the total pressure is the saturation pressure of the solvent, and 
equation 2-17 may be rewritten as  
?
?
?
?
?
?
?
? ?
??
RT
PPV
HH
sat
ji
Pjiji satj
)(
exp
*
,,,
                (2-18) 
and the Krichevsky-Ilinskaya equation is obtained 
?
?
?
?
?
?
?
? ?
??
RT
PPV
xHf
sat
ji
iiPjili satj
)(
expˆ
*
*
,,,
?                       (2-19) 
At equilibrium, the isofugacity criteria must be fulfilled, and 
?
?
?
?
?
?
?
?
?
?
?
?
?
?
?
? ?
??
RT
PPV
xHPy
sat
ji
iiPjiii satj
)(
expln)ˆln(
*
*
,,
??                (2-20) 
Rearranging equation 2-20, the vapour-liquid equilibrium equation for CO2 can therefore be 
written as: 
2
2
22
22 ln
)(ˆ
ln
*
*
,
CO
sat
wCO
COCO
gCOCO H
RT
PPV
x
Py
?
?
?
?
?
               (2-21) 
Chapter 2:                                                                                                                                 Thermodynamics 
Measurement and Modelling of Scaling Minerals 9
The fugacity coefficients for both H2O (g) and CO2 (g) are calculated by the cubic SRK 
equation of state using classical mixing rules. The Henry’s constant for carbon dioxide in 
water (
2CO
H ) is calculated according to Rumpf and Maurer (1993): 
TT
T
HCO ln749.2810441.1
4.9624876.192ln 2
2
????? ?              (2-22) 
where T is the temperature in Kelvin and 
2CO
H is given in MPa·mol-1·kg. Equation 2-22 is 
based on molality scale, so the Henry’s law constant value is converted to mole fraction 
scale before using it. The empirical correlation 2-22 was based on selected literature data 
for the solubility of carbon dioxide in pure water. The temperature range of applicability of 
equation 2-22 is from 0 to 200°C. Nevertheless, we applied equation 2-22 up to 250°C 
obtaining very satisfactory results. The standard state partial molar volume used for 
calculating the Poynting correction follows a temperature dependency as indicated in 
equation 2-23 (Rumpf and Maurer, 1993) 
263* 108558514.594108959231.32783350021.77
2
TTVCO
?? ?????              (2-23) 
In equation 2-23 T is the temperature in Kelvin and *
2CO
V is given in cm3·mol-1.
2.3 Solid-Liquid Equilibrium 
For a mineral OnHXM
XM 2?? consisting of M? cations M, X?  anions X and n molecules of 
H2O, the solid-liquid equilibrium can be expressed as 
)()()()( 22 lOnHaqXaqMcOnHXM
zX
X
zM
MXM
??? ?? ???? ??             ??(2-24) 
The condition for equilibrium, corresponding to equation 2-1, is:  
waqXXaqMMcOnHXM nZXZMXM ?????? ?? ??? ?? )()()(2                                        (2-25) 
Using the previous definitions for the chemical potentials (equations 2-2 and 2-4), equation 
2-25 can be rewritten as 
?
?
?
?
?
?
?
? ???
?? ?
??
????
RT
n
axx OnHXMwXXMMnwXXMM
XMZXZMX
ZXZX
M
ZMZM
00**
** 2exp)()( ??
??????
?? ?? (2-26) 
The chemical potential of the salt OnHXM
XM 2?? is equal to its standard state chemical 
potential since the solid salt is in its standard state: Pure crystalline component at the system 
temperature and pressure. 
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The left hand side of equation 2-26 is the solubility product (Ke) of the salt OnHXM XM 2?? .
The numerical value of Ke can be calculated from the right hand side of equation 2-26 
Solid-liquid equilibrium calculation reduces to the solution of equation 2-26 to obtain the 
composition of the liquid phase in equilibrium with the solid phase(s). The concentrations 
on the left-hand side of equation 2-26 can then be adjusted by iteration until the activity 
product yields the desired value. Therefore, to predict solid-liquid equilibrium, a model for 
activity coefficients in mixed electrolyte solutions is needed, together with the knowledge 
of the thermodynamic solubility products of all the possible solid phases formed in the 
system under consideration, at the system temperature and pressure.  
2.4 Speciation Equilibrium 
Dissociation equilibrium can be derived in an analogous manner as described for solid-
liquid equilibrium. The hydrogen carbonate ion dissociates following reaction 2-27. 
2
3 3( ) ( ) ( )HCO aq CO aq H aq
? ? ?? ?                 (2-27) 
Applying the definition of the chemical potential for ions given in equation 2-4 a similar 
expression to equation 2-26 is obtained: 
2 2 2
3 3 3 3
3 3
* * * * *
* exp
CO CO H H CO H HCO
HCO HCO
x x
x RT
? ? ? ? ?
?
? ? ? ? ? ? ?
? ?
? ?? ? ? ? ?
? ?? ?
? ?? ? ?
               (2-28) 
Equations 2-26 and 2-28 can be written in a more general way as 
ji
i
ii
jr
je xRT
G
K ,)(exp
0
,
???????
?
???
? ?
??                              (2-29) 
where 0jrG?  is the change in standard state Gibbs free energy for equilibrium j at the 
temperature T and pressure P, and ?i,j is the stoichiometric coefficient of species i in 
equilibrium j.
2.5 Standard State Chemical Potentials 
Standard state chemical potentials are required by the extended UNIQUAC model in order 
to perform calculations. These properties can be found at 25ºC and 1 bar in different data 
compilations (i.e., NIST, 1990). The standard state for solutes reported in thermodynamic 
tables is based on the hypothetical ideal unit mean molal solution ( *,mi? ). These values in 
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the molality scale are converted by equation 2-30 to the mole fraction scale prior to their use 
by the model. 
w
m
ii MRT ln
*,* ?? ??                   (2-30) 
When the standard state chemical potentials are not available in literature (as it is the case 
for Na2SO4?CaSO4 or BaSO4?SrSO4, among others) they can be fitted to experimental 
solubility data.  
2.6 Temperature Effect on Solubility 
Values for the standard state Gibbs free energy at temperatures other than 25ºC can be 
calculated using the Gibbs-Helmholtz equation  
? ?
2
00 /
RT
H
T
RTG r
P
r ????
?
?
?
?
?
?
??
              (2-31) 
The change in standard state enthalpy ( 0Hr? ) by the equilibrium is temperature dependent: 
0
0
pr
P
r C
T
H ???
?
?
?
?
?
?
??
                     (2-32) 
where 0prC?  is the variation in standard state heat capacity due to the reaction. For pure 
crystalline salts, the standard state heat capacity is often nearly constant in a wide 
temperature range. For ions, on the other hand, the standard state heat capacity cannot be 
considered temperature independent. It can be eventually calculated by the correlation 
(Thomsen et al., 1996):  
??
???
T
C
TCCC ipipippi
,3
,2,1
*                (2-33) 
where ? is a constant equal to 200 K. The parameters Cp1,i, Cp2,i, and Cp3,i can be fitted to 
experimental heat capacity data or can be taken from data compilations (Kelley, 1960). The 
standard state heat capacity at 25oC can also be found in data compilations. 
2.7 Pressure Effect on Solid-Liquid Equilibrium 
The saturation concentration of a salt can be calculated from equation 2-29. According to 
equation 2-29, this saturation concentration is a function of the solubility product and the 
activity coefficients of the ions of the salt. The solubility product and the activity 
coefficients are temperature and pressure dependent (the activity coefficients are 
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composition dependent as well). Therefore, in order to estimate scale formation in a well 
(where pressure changes with depth) the pressure effect on solubility (and thus on the 
solubility product and activity coefficients) must be taken into consideration. 
2.7.1 Pressure Dependence of the Solubility Product 
The derivative of Ke with respect to pressure at constant temperature is expressed as 
RT
V
P
K dis
T
e ????
?
??
?
?
?
? ln                 (2-34)  
where disV?  is the increment in standard partial molar volume for a mineral dissolution 
reaction. For example, for the dissolution reaction ?? ?? 24
2
4 SOBa(c)BaSO : 
0**
4
2
4
2 BaSOSOBadis VVVV ???? ??                (2-35) 
The isothermal compressibility is defined as 
TP
V
V
?
?
??
?
?
?
??? 1?                  (2-36) 
The partial molar compressibility of component i is defined as 
T
i
i P
V
???
?
???
?
?
????                 (2-37) 
and for the dissolution reaction 2-35: 
dis
T
dis
P
V ???????
?
???
?
?
??
                (2-38)  
where disV?  is defined in equation 2-35 and dis?? is the corresponding change in standard 
partial molar compressibility. 
The change in standard partial molar compressibility is considered pressure independent in 
this work. 
Integrating equation 2-34, the correction required to account for the pressure dependency of 
the solubility product (and therefore, of the standard state chemical potentials of the 
different species taking place in the dissolution reaction) is obtained: 
2
00
,
,, )(2
)(lnln 0
0
PP
RT
PP
RT
V
KK disPdisPePe ?
???
?
?? ?                  (2-39) 
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2.7.2 Pressure Dependence of Activity Coefficients 
The pressure effect on the activity coefficient of species i at constant temperature T is 
described by the thermodynamic relation 
RT
V
P
E
i
T
i ??
?
??
?
?
?
?
n,
ln?
                  (2-40)   
where EiV is the excess partial molar volume of component i.
Equation 2-40 is valid for water and ions (symmetric and unsymmetric standard states). 
Integrating equation 2-40, the pressure effect on the activity coefficient is obtained as 
2
00
,
,, )(2
)(lnln 0
0
PP
RT
PP
RT
V E
i
E
Pi
PiPi ?????
???                 (2-41) 
By substituting equation 2-39 and equation 2-41 into equation 2-29 the following relation is 
obtained:
? ??
?
???????????
m
i
PiiPePe PPePPdcPPbPPaKK
1
2
00,
2
00,, )()(ln)()(lnln 00 ?? (2-42)
where
RT
e
RT
V
d
xc
RT
b
RT
V
a
E
i
E
Pi
m
i
ii
dis
Pdis
2
ln
2
0
0
,
1
,
?
?
?
?
?
?
??
?
?
?
?
                (2-43) 
In equations 2-42 and 2-43, m is the number of species (ions and water) that constitute the 
mineral OnHXM
XM 2??
and ??? refers to the stoichiometric coefficient of the SLE reaction. 
Equations 2-42 and 2-43 show the corrections that must be applied to both the solubility 
product and the residual and combinatorial terms of the activity coefficients to introduce the 
pressure effect in the solubility calculations. The Debye-Hückel term for the activity 
coefficient is calculated at the system pressure, and therefore, correction 2-41 is not 
required for this term. The Debye-Hückel parameter A given by equation 3-10 is a function 
of the density and dielectric constant, both of them evaluated at the system temperature and 
pressure.
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In the present work, we have included two additional parameters (? and ?) to the extended 
UNIQUAC thermodynamic model presented by Thomsen and Rasmussen (1999) to account 
for pressure dependence: 
2
00,, )()(lnln 0 PPPPKK PePe ????? ??               (2-44) 
No further corrections to account for pressure are applied, apart from ? and ? (except for 
the calculation of the A Debye-Hückel parameter). Thus, the residual and combinatorial 
terms of the activity coefficients are calculated at the reference pressure, so that equation 2-
42 becomes: 
? ??
?
??????
m
i
PiiPe cPPPPK
1
,
2
00, 00
ln)()(ln ????               (2-45) 
For equation 2-45 to be consistent with equation 2-42, it is necessary that 
da
RT
V
RT
V m
i
i
E
Pi
m
i
i
Pdis ??
??
????
?
??
1
,
1
, 00 ???                (2-46) 
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RTRT
m
i
i
E
i
m
i
i
dis ??
??
?????
11 22
?????                (2-47) 
Using two fitting parameters to correct for the pressure effect is preferred over evaluating ??
and ? ? from the physical properties (equations 2-46 and 2-47), because of the lack of 
accurate experimental data for both the partial molar volume and compressibility.  
Most of the experimental measurements of partial molar volumes are limited to simple ions 
and are reliable at low temperatures only. The interpolations performed in some cases to 
calculate iV at temperatures different from the experimental values, show differences as 
large as 0.3 cm3 mol-1 (Millero, 1981). Yousef et al. (2001) demonstrated that an accurate 
value for the standard partial molar volume is critical for a reliable prediction of solubility 
at high pressures. Such values are generally overestimated by the equations of state 
(Millero, 1981). 
In the case of compressibility, the situation is even worse and reliable data are very difficult 
to find. The derivation of i? from compressibility studies is experimentally difficult (Lown 
et al., 1968). The number of ions studied is also small, especially in the marine 
environment, and a large divergence can be found among the various authors. There are no 
compressibility data for mixed electrolyte solutions and it is impossible nowadays to make a 
precise calculation of the change in standard partial molar compressibility for natural highly 
concentrated brines (Krumgalz et al., 1999). Even the error introduced by neglecting this 
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term cannot be defined with any precision. Very limited data are available for the effect of 
temperature on i? and the effect of pressure is neglected. The effect of pressure has 
nevertheless not been studied in detail and seems to be more important for low 
temperatures. Lown et al. (1968) demonstrated that the molar compressibility for different 
acid-base equilibria could be assumed pressure independent in the range 1-2000 bar. 
According to Millero (1981), such a dependence should be accounted for above 700 bar (the 
error introduced at 1000 bar is around 4%). For SrSO4 at 1000 bar, neglecting the change in 
partial molar compressibility with pressure leads to an overestimation of the ratio 
0,,,,
/ PTePTe KK  by as much as 39% (Millero, 1981). The error caused by uncertainties in both 
molar volume and compressibility should also be added to the latter percentage (around 6% 
for seawater, according to Millero, 1981)?. By estimating the values of the pressure 
parameters ? and ? from experimental solubility data we will avoid these inaccuracies. 
2.8 Model Calculations 
The calculations performed to achieve the final solution are explained based on the specific 
system CaCO3-CO2-H2O. The following equilibrium processes are taken into account for 
that system: 
Vapour-liquid equilibria: 
)aq(CO)g(CO 22 ?               (2-48) 
)l(OH)g(OH 22 ?                 (2-49) 
Speciation equilibria: 
?? ??? HHCO)l(OH)aq(CO 322               (2-50) 
??? ?? HCOHCO 233                 (2-51) 
?? ?? OHH)l(OH2                 (2-52) 
Except for the carbonate/bicarbonate system, all the other electrolytes are considered strong 
electrolytes and therefore completely dissociated. The formation of association products 
such as 03CaCO  or 
?
3CaHCO  is not considered (the same criteria is applied to all the 
systems studied in the present work). 
Liquid-solid equilibrium: 
)c(CaCOCOCa 3
2
3
2 ?? ??                (2-53) 
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Each of the equilibrium processes 2-48 to 2-53 can be expressed in a form similar to 
equation 2-29. To calculate the equilibrium phase compositions of a mixture of CO2, CaCO3
and H2O, equations 2-48 to 2-53, together with the electroneutrallity condition and the 
condition that the sum of the mole fractions in the gas phase and the sum of the mole 
fractions in the liquid phase is equal to unity, is solved with respect to the mole fractions of 
the n components in the liquid phase (H2O, Ca2+, ?23CO , 
?
3HCO , H
+, OH-, CO2(aq)), the 
mole fractions of the n’ components in the gas phase (H2O (g) and CO2 (g)) and the bubble 
point pressure, by adjusting the amounts of the n’’ solid phases (CaCO3 (c)). At 
equilibrium, equation 2-54 must be fulfilled 
2 23 3
CaCO Ca CO
K a a? ??                  (2-54) 
In general, a s-salt saturation point has to fulfil equation 2-55 for all s salts: 
, 1...k ik i
i
K a k s?? ??                    (2-55) 
while for the rest of the salts potentially formed by the system 
,k i
k i
i
K a k s?? ??                      (2-56) 
Equation 2-55 is solved by a Newton-Raphson method using analytical composition 
derivatives of the activity coefficients.  
For the calculation of the bubble point pressure of the solution, an initial guess of both 
pressure and composition is introduced in the program. Then, all the speciation equilibria 
equations are solved simultaneously. The fugacities of the vapour phase components appear 
in the equations for the vapour-liquid equilibria 2-48 and 2-49, which can be expressed as in 
equation 2-29. From those equations the mole fractions of the components forming the 
vapour phase can be calculated. If the sum of those mol fractions is different from unity, a 
new pressure is guessed. The procedure is repeated until a final solution is found.
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3. Extended UNIQUAC Model 
In the present work, aqueous phase activity coefficients are calculated by means of the 
extended UNIQUAC model, improved with the addition of two pressure parameters to 
account for the pressure dependency of solubility. The gas phase fugacity for volatile 
components in the system is calculated by the Soave-Redlich-Kwong (SRK) cubic equation 
of state, using classical mixing rules.  
The extended UNIQUAC model was chosen due to its simplicity and at the same time good 
accuracy to represent solid-liquid-vapour equilibria for multicomponent electrolyte 
solutions up to high ionic strengths and temperatures. The model only requires two 
parameters per species, plus two parameters per pair of interacting species, reducing the 
amount of experimental data required (scarce for the systems of interest in the present work, 
especially for multicomponent solutions at high temperature and pressure). Bromley’s and 
Helgeson’s models were also studied, but the extended UNIQUAC model was preferred due 
to its higher capability to perform calculations in multicomponent electrolyte solutions with 
common ions. A closer view to Bromley’s and Helgeson’s model is included in Appendix I.  
3.1 Activity Coefficient Models 
One of the first studies devoted to describe the thermodynamic behaviour of electrolyte 
solutions was performed by Lewis and Randall in 1921. Their motivation was the 
inaccuracy obtained for strong electrolytes when applying models derived from Arrhenius’ 
theory of electric dissociation. Such models were adequate for weak electrolytes, but not for 
strong electrolytes. They proposed several methods to determine activity coefficients from 
measurements of the electromotive force, the freezing point, and the vapour pressure. One 
year later (in 1922), Brønsted postulated that there would only be specific interactions 
between ions of the opposite sign, while interactions between ions of the same sign would 
only depend on the electrical charges. In 1923, Debye and Hückel developed the first 
successful model (the Debye-Hückel limiting law) for the activity coefficients of dilute 
aqueous electrolytes. They considered the solvent to be a continuous dielectric. The ions 
interact following Coulomb’s law, and the effect of all other ions on a given ion is 
calculated by the Poisson-Boltzmann equation. The Debye-Hückel (D-H) limiting law is a 
simplification of the Debye-Hückel equation where ions are considered to be point charges. 
The limiting law is reliable up to ionic strengths of 0.001 m. When ions are considered as 
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hard spheres instead, the limiting law is transformed into the extended Debye-Hückel law, 
reliable for ionic strengths up to 0.1 m.
Since the Debye-Hückel limiting law, many authors have proposed modifications to that 
model in order to extend its range of applicability. Bjerrum (1926) attributed the differences 
between experimental data and the Debye-Hückel theory to ionic association of ions of 
opposite charge. Guggenheim (1935) combined the extended D-H law with the principles of 
Brønsted (1922) and suggested an expression for the mean activity coefficient with one 
solute-specific parameter. The expression is valid up to ionic strengths of 0.1 m. Stokes and 
Robinson (1948) modified the D-H model introducing the ion-solvent interactions in terms 
of hydration, obtaining a two parameters equation to calculate the activity coefficients in 
electrolyte solutions. They assumed that ions were surrounded by solvent molecules and 
their ionic character was shielded. The behaviour of the solution is then determined by the 
free solvent molecules. Their model was applicable to 1:1 and 1:2 electrolyte solutions up to 
4 m. In 1962, Davies added the term “aI” (I being the ionic strength and a a constant) to the 
original Debye-Hückel expression. His equation was frequently used in geochemical 
modelling, but only for temperatures close to 25°C and ionic strengths of a few tenths molal 
(Sahai et al., 1998). Hamer and Wu (1972) added to the D-H equation a serial function of 
the ionic strength, improving the correlation results due to the additional parameters. 
Bromley (1973) modified the D-H model introducing an additional term that was dependent 
on the ionic strength. His one-parameter equation was found empirically from fitting 
experimental data. Bromley’s model only uses one interaction parameter for each salt, 
which can be calculated as the sum of contributions from cation and anion. Many of those 
parameters are reported in literature (Zemaitis et al., 1986, Iliuta et al., 1999, Borge et al., 
1996, Raposo et al., 1998, Belaustegi et al., 1999). According to Chen et al. (1998), the 
model had an accuracy of 5% for 1:1 electrolytes up to 6 m, but was limited to only 1 m 
solutions for other types of electrolytes. The properties of multicomponent electrolyte 
solutions are very often determined within the framework provided by Pitzer (1973, 1975, 
1991), who developed one of the most popular virial expansion models. Using the pressure 
equation of statistical thermodynamics, Pitzer pointed out that the interaction coefficient is a 
function of the ionic strength. The general formulation of Pitzer’s model is principally made 
up of two parts in terms of excess Gibbs energy. The first corresponds to the Debye-Hückel 
model, and the second is an empirical expression for the second and third virial coefficients 
that takes into account the binary and ternary interactions neglected in the first part. Third 
virial coefficients for three ions of the same charge have been neglected as they are assumed 
to be very small. According to Pérez-Villaseñor and Iglesias-Silva (2002), the main 
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disadvantage when using Pitzer’s equations is that the concentration range normally cannot 
exceed a molality of 6. Other authors have also realized the same problem (Pitzer and 
Mayorga, 1973, Chen et al., 1982, Haghtalab and Vera, 1988, Marshall et al., 1995, Renon, 
1996). Pitzer’s formalism requires both binary and ternary experimental data for all 
components in the mixture. Some attempts to reduce the number of parameters used in 
Pitzer’s model have also been made. Krop (1999) used a modified Pitzer’s excess Gibbs 
free energy in which binary and ternary interaction parameters relate to the interactions of 
electrolytes in a solution rather than to the interactions of real species in a solution (i.e., 
cations, anions and non dissociated molecules). This approach reduces the number of 
parameters significantly. Pérez-Villaseñor and Iglesias-Silva (2002) assumed the double ion 
interactions to be independent of the ionic strength, therefore reducing the number of 
parameters. To achieve a similar accuracy, they also optimized the value of the b Debye-
Hückel parameter for each electrolyte solution. Lietzke et al. (1975) presented a two-
structure model to predict activity coefficients of each component in a mixed electrolyte 
solution. The model incorporated the ion atmosphere description of Debye-Hückel at low 
concentrations, and a function of ionic stregth at high concentrations. The contribution of 
each term was weighted by a partition function. The model needs three parameters for each 
electrolyte. Helgeson (Helgeson and Kirkham, 1974a, b, 1976, Helgeson et al., 1981, Shock 
and Helgeson, 1988, Johnson et al., 1992) developed equations to calculate the standard 
molal thermodynamic properties of minerals, gases, aqueous species, and reactions as a 
function of temperature and pressure. He proposed an equation to calculate activity 
coefficients for electrolyte solutions which is a simple extension by a term dependent on the 
ionic strength of the D-H model. Helgeson calculated successfully thermodynamic and 
transport properties of aqueous species at temperatures up to 1000oC and pressures up to 5 
kbar (Shock and Helgeson, 1988). He studied a huge amount of binary systems at different 
temperature and pressure conditions, and their results were in agreement with the 
experimental data (Helgeson et al., 1981). Lin et al. (1998) developed a characteristic-
parameter correlation model for the aqueous strong electrolyte solutions. The model 
consists of the long range ion-ion interaction described by Pitzer-Debye-Hückel and short 
range ion-solvent molecule interaction attributed to solvation effect. This model contains 
three parameters of physical significance. 
The Debye-Hückel model has also been combined with different local-composition models, 
such as UNIQUAC or NRTL. For instance, Cruz and Renon (1978) combined the Debye-
Hückel expression with the NRTL model and a Born model contribution. They considered 
the changes in the dielectric constant with the salt concentration. To describe a system 
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formed by one salt and one solvent, four adjustable parameters are needed. A similar 
approach is followed by Ball et al. (1985), who used a different Born contribution, resulting 
in a reduced number of adjustable parameters (two for a binary system). Chen et al. (1982) 
and Chen and Evans (1986) used the electrostatic function of the Pitzer’s model with a local 
composition term, which is an extension of the NRTL equation for electrolyte solutions. 
With this model, the number of interaction parameters to describe a binary system is 
reduced to two. They obtained good results for mixtures below concentrations of 6 m. Their 
model requires pair interaction parameters for each binary mixture. A very similar approach 
to Chen’s et al. (1982) is followed by Haghtalab and Vera (1988), using the original 
expression given by D-H to account for the long range interactions. Sander (1984) added 
the Debye-Hückel equation to the UNIQUAC model (extended UNIQUAC), allowing the 
latter to be used for electrolyte solutions. Nicolaisen et al. (1993) simplified Sander’s 
version of the extended UNIQUAC model in order to contain only binary parameters with 
no concentration dependency. This latter model is the one used in this work, with a different 
procedure to estimate parameters to that followed by Nicolaisen et al. (1993). The 
temperature dependency of the parameters is included in the model equations. Also, the 
model can be applied for mixed solvents. Liu et al. (1989) used an approach including the 
D-H term and a three-parameter Wilson equation derived by Renon and Prausnitz (1969). 
The D-H term only accounts for the long range interactions between the central ion and all 
ions outside the first coordination shell. The Wilson term accounts for the short range 
interactions, where the interactions between the ions within the first coordination shell are 
included. The model parameters are ion specific. Polka et al. (1994) proposed a new 
expression for the excess Gibbs energy formed by three contributions: A Debye-Hückel 
term to account for long range electrostatic interactions, the UNIQUAC equation for the 
description of short range interactions between all particles, and a middle range contribution 
to include all indirect effects of the charge interactions. The model needs four parameters 
for each electrolyte present in the solution. According to Polka et al. (1994), their results are 
comparable to the models of Sander et al. (1986a, b, c), Macedo et al. (1990), Pitzer and 
Mayorga (1973), Bromley (1973) and Chen et al. (1982) for the 362 binary and 185 ternary 
(two solvents and one salt) systems studied. A very similar model to extended UNIQUAC is 
the one used by Lu et al. (1996), where physical interactions between all species are taken 
into account combining the D-H law and the UNIQUAC model. The expression employed 
for the D-H law and the value of the b Debye-Hückel parameter differs from the ones in the 
extended UNIQUAC model.  
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Apart from modifications to the D-H law, many other activity coefficient models not 
including the D-H term have also been developed (Rasaiah and Friedman, 1968, Meissner 
et al., 1972, Tan, 1987, 1990, Pal et al., 1991, Kolker and De Pablo, 1995, Zuo and Fürst, 
1998, Vanderbeken et al., 1999, Clegg and Simonson, 2001).  
3.2 Previous Work on Scale Formation 
Scale formation has been a problem for the development of the geothermal power and for 
the oil industry for a long time. The prediction of salt deposition during production is an 
important tool to fight against scale formation, and has been widely investigated during the 
last decades. Numerous saturation indexes and computer algorithms have been developed to 
determine when and where scale will occur.  
Some of the first models predicting scale formation have important shortcomings, and as a 
result large errors in scale prediction may occur. This is the case of Helgeson (1970) and 
Miller et al. (1977), who did not consider the pressure effect on scaling. The effect of 
pressure on solubility is relatively small compared to that of temperature. In geothermal 
energy and oil production, however, the pressure change is of the order of hundreds of bars 
through the injection, reservoir, and production system, and the effect on solubility change 
may be significant.  
Some models assume the solubility in natural waters is comparable to that in sodium 
chloride solutions of the same total ionic strength, neglecting the effect of all other ions 
present in the system. (Millero, 1979, Jacques and Bourland, 1983, Raju and Atkinson, 
1988, 1989, Battistelli et al., 1997). In many cases, the possibility of co-precipitation of 
different scaling minerals is not taken into account, and simple empirical predictions 
(generally limited to pure water, CO2-water, or NaCl solutions) for the formation of a 
particular precipitate as a function of temperature, pressure and ionic strength are used. 
Jacobson and Langmuir (1974) reported temperature dependent dissociation constants of 
calcite (CaCO3) from 0 to 50ºC at 1 atm, based on conductance measurements and using the 
extended Debye-Hückel equation. Millero (1979) developed an empirical temperature, 
salinity, and pressure dependent equation to determine the solubility product of calcite in 
seawater. The equation includes two adjustable parameters, and the pressure dependency is 
taken into account by the partial molar volume and compressibility changes. Plummer and 
Busenberg (1982) reported empirical temperature dependent equations to calculate the 
solubility product of calcite, aragonite and varetite in CO2-H2O solutions, based on their 
350 experimental measurements from 0 to 90ºC at 1 atm. Individual ion activity coefficients 
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were determined from the equations of Truesdell and Jones (1974), which are modifications 
from the Debye-Hückel equations. A similar approach is followed by Jacques and Bourland 
(1983) based on their own experimental results. They presented a predictive equation for the 
solubility of celestite (SrSO4) in water containing up to 200 g L
-1 NaCl, at temperatures 
from 38 to 149ºC and pressures from 7 to 207 bar. Reardon and Armstrong (1986) reported 
a temperature dependent equation to calculate celestite solubility product, and used Pitzer’s 
formalism to calculate the activity coefficient and fit their experimental results. No pressure 
correction is included since the experimental data used were all measured at atmospheric 
pressure. Raju and Atkinson (1988, 1989) developed equations to calculate thermodynamic 
properties and equilibrium constants as a function of temperature and ionic strength, based 
on their experimental data for SrSO4 and BaSO4. The activity coefficients were calculated 
from Pitzer’s equations. The heat capacity value reported for Sr2+ at 25ºC is -7.4 J K-1 mol-1,
extremely different from the value of -106 J K-1 mol-1 reported by Marcus (1997), and used 
as initial guess in this work. Howell et al. (1992) derived an equation to calculate the 
solubility product of SrSO4 in NaCl solutions as a function of temperature and pressure, 
based on their experimental results. Also, an equation to determine the mean activity 
coefficient as a function of temperature, pressure and ionic strength is reported. Duan et al. 
(1996) used Pitzer’s approach to calculate the liquid phase activity coefficients, while an 
EOS developed by Duan et al. (1992a, b) was used to represent the vapour phase. Their 
model was implemented only for CaCO3 solubility in NaCl solutions, and gases CO2 and 
CH4. Battistelli et al. (1997) modelled mixtures of water, sodium chloride, and a slightly 
soluble non condensable gas (air, CO2, CH4, H2, or N2) in connection to geothermal 
reservoirs. The system is modelled by an equation of state developed by Battistelli et al. 
(1993) and includes precipitation and dissolution of solid salt. The concentration of 
solutions that are both vapour and halite (NaCl) saturated was calculated using an equation 
by Potter quoted in Chou (1987). The applicability of the model ranges from 100 to 350ºC 
and up to a partial CO2 pressure of 100 bar. Satman et al. (1999) studied the effect of calcite 
deposition in geothermal wells performance. The solubility of calcite in CO2-H2O solutions 
up to high temperature and pressure was obtained through a simple correlation derived from 
experimental data. 
Some investigators prefer the use of solubility indices to determine whether or not 
precipitation of a certain mineral will take place at given conditions of temperature and 
pressure. Oddo and Tomson (1994) compared the Langelier (1936), and Oddo and Tomson 
(1994) saturation indices relative to calcium carbonate scale. They also introduced a new 
saturation index for barium, strontium, and calcium sulphate scale formation. The 
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equilibrium constants required to obtain the saturation index were derived from literature 
data as a function of temperature, pressure, and ionic strength, by performing a non-linear 
least-squares fit of the data sets. For CaCO3, the saturation index was improved by the 
addition of the CO2 fugacity, calculated by the Peng-Robinson equation of state. Marshall 
(1989) calculated the saturation index for calcite from the reconstructed reservoir water 
composition at Dixie Valley (Nevada, EEUU) geothermal field. The ion-association type 
model EQ3NR developed by Wolery (1983) and the specific-interaction model EQUIL 
developed by Weare (1987) were used to determine activity coefficients in the Na-Ca-Cl-
CO2-H2O system and to calculate the distribution of elements in the reservoir and 
production water. 
All the previous models are focused on a single mineral or couple of minerals, and therefore 
cannot be applied to determine real concentrations in natural waters, where many different 
species coexist and interact with each other. Models accounting for all the possible reactions 
taking place simultaneously are scarcer. Among them, we can mention Harvie and Weare 
(1980), who used Pitzer’s formalism to study the solubility of solid phases in the system 
Na-K-Ca-Mg-Cl-SO4-H2O at 25ºC and 1 atm. This study has been later extended by 
different authors to cover wider ranges of temperature, pressure, and to include additional 
species present in connate and injection waters. In general, to determine salt solubility at 
high temperature and pressure, the dissociation constants are described as a function of 
temperature and pressure. Then, the saturated concentration is calculated by the use of 
Pitzer’s activity coefficient model. However, the studies disagree about the temperature 
dependency of Pitzer parameters. Harvie et al. (1984) considered new carbonate species, 
modelling the system Na-K-Ca-Mg-Cl-SO4-HCO3-CO3-CO2-H2O at 25ºC and 1 atm. 
Møller (1988) constructed a variable temperature model for the Na-Ca-Cl-SO4-H2O system 
from 25 to 250ºC. Greenberg and Møller (1989) extended the seven component seawater 
model developed by Harvie and Weare (1980) from 0 to 250ºC and from zero to high ionic 
strength (around 18 m). The pressure is considered to be 1 atm up to 100ºC and the 
saturation pressure of water above 100ºC. Spencer et al. (1990) parameterized the same 
system as Greenberg and Møller (1989) at low temperatures (from -60 to 25ºC). Spencer et 
al. (1990) had some problems when predictions were carried in sulphate-dominated 
systems, and a new re-parameterization of those systems was performed by Marion and 
Farren (1999). Additionally, they consider five new sulphate minerals (gypsum –
CaSO4·2H2O- among them) allowing a more complete treatment of the system. He and 
Morse (1993) predicted the solubility of halite, gypsum and anhydrite (CaSO4) in Na-K-H-
Ca-Mg-Cl-OH-SO4-H2O solutions of varying composition as a function of temperature 
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(from 0 to 200ºC) and pressure (from 1 to 1000 bar). In 1998, Møller et al. predicted 
carbonate scale formation in the Na-K-H-Ca-Cl-SO4-H2O system up to 250ºC, and silica 
scale formation in the Na-Mg-Cl-SO4-SiO2-H2O system up to 320ºC. The gas phase is 
modelled by using an equation of state (Duan et al., 1992a).
Pitzer’s approach has also been used by many investigators to include new species of great 
importance in connection to scale formation in the oil and geothermal industry (as Ba2+ and 
Sr2+). Monnin and Galinier (1988) proposed a predictive model for the solubility of barite 
(BaSO4) and celestite in the Na-H-K-Ca-Mg-Ba-Sr-Cl-OH-SO4-H2O system at 25ºC based 
on Pitzer’s ion interaction model, and in the parameterization performed by Harvie et al. 
(1984). The model fails for highly concentrated waters, but the accuracy for barite and 
celestite solubility calculations in the low to moderate concentration region is better than 
±10%. The previous model was later extended by Monnin (1999), covering temperatures 
from 0 to 200ºC, and pressures up to 1 kbar. Pressure correlations are evaluated through 
partial molar volume calculations within Pitzer’s formalism. The compressibility effects 
have been neglected due to the lack of experimental data. Haarberg (1989) developed a 
scale prediction model for the minerals CaCO3, BaSO4, CaSO4 and CaSO4·2H2O. He 
compared some of the results obtained using Pitzer’s formalism whit results from Sander’s 
(1984) model, and concluded the former model gives the best description of experimental 
data. Gas phase fugacities for carbon dioxide were calculated according to Houghton et al. 
(1957). Activity coefficients for aqueous CO2 were determined from the equations of Weiss 
(1974) or Naumov et al. (1974), depending on the temperature of the system. The model 
predictions are reliable up to 175ºC and 400 bar. Yuan and Todd (1991) developed a model 
to predict sulphate scaling tendency in oilfield operations, taking into account the possible 
co-precipitation of BaSO4, SrSO4 and CaSO4. The model is based on Pitzer’s formalism to 
calculate activity coefficients, but does not use the parameterization reported by Harvie et 
al. (1984). Instead, they determined new parameters and thermodynamic solubility products 
based on solubility data. According to Yuan and Todd (1991), the limited number of 
published data makes Pitzer’s approach to take into account the pressure effect impractical. 
Instead, they developed empirical equations from the correlation of solubility with pressure. 
The model was used to predict sulphate scaling potential of mixing injection water and 
formation water in the North Sea, and the predictions were substantiated by field 
observations. Nonetheless, some of the predictions by Yuan and Todd (1991) and Yuan et 
al. (1994) do not agree with those by Vetter et al. (1982) and Atkinson et al. (1991). Kaasa 
(1998) presented a model than can predict pH and mineral solubility (CaSO4, CaSO4·2H2O,
BaSO4, SrSO4, CaCO3, FeCO3, FeS and NaCl) together with multiphase equilibria and the 
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phase distribution for CO2, H2S and hydrocarbon components. The equation of state given 
by Vonka et al. (1995) is used to describe the volumetric behaviour of the gas phase and the 
phase equilibrium between gas and oil. That equation is linked to the Pitzer’s model and 
solved simultaneously. Carrier et al. (1998) combined two thermodynamic models to 
describe salt solubility in the system Na-K-Ca-Ba-Sr-Cl-SO4-H2O. Helgeson, Kirkman and 
Flowers (HKF) modified equations of state (Helgeson et al., 1981) are used to calculate the 
dissociation constants of mineral species, while Pitzer ionic interaction model is used to 
calculate activity coefficients for the ions. The model was applied in the temperature range 
from 25 to 350ºC, and pressures from 1 to 160 bar. Pátzay et al. (1997) developed an 
equilibrium simulation algorithm to represent CaCO3, CaSO4, BaSO4, and SrSO4 scale 
formation in a Na-K-Mg-Ca-H-Ba-Sr-Cl-Br-SO4-OH-HCO3-CO3-CO2-H2O system using 
Davies and Pitzer models. The predicted results using Pitzer’s activity coefficients fitted the 
literature data well. 
Pitzer’s framework is probably the most widely used to determine solubility of scaling 
minerals in natural waters at high temperature and pressure. Nevertheless, some 
investigators opted for other approaches. Arnórsson et al. (1982) calculated the composition 
and aqueous speciation of geothermal reservoir waters from 0 to 370ºC. The species 
considered were SiO2, B, Na, K, Ca, Mg, Fe, Al, NH3, CO2, SO4, H2S, Cl, F, N2, O2, H2,
and CH4. The equilibrium constants for the different reactions taking place were calculated 
as a function of temperature from experimental data on thermodynamic properties, 
following the methods described by Helgeson (1967, 1969), and Helgeson et al. (1978). 
Individual activity coefficients for ions were also calculated following Helgeson’s 
framework, with the required parameters taken from Helgeson and Kirkhan (1974a, b). 
Potapov et al. (2001) studied the possibility and efficiency of chemical treatment of the 
geothermal separate prior to reinjection under conditions of the Verkhne-Mutnovsk (Russia) 
geothermal power station. They simulated the chemical equilibrium in the multicomponent 
aqueous solution and calculated the activity coefficients from the semi-empirical formula of 
Helgeson quoted in Kaz’min (1983). 
Some of the later models coupled thermodynamics and kinetics to obtain a more reliable 
prediction of scale formation (Wat et al., 1992, Zhang et al., 2001); and others consider 
fluid dynamics and flow in porous media (Bertero et al., 1988, Li et al., 1995). Wat et al. 
(1992) performed experiments on kinetics of BaSO4 crystal growth and concluded the rate 
of growth of barite can be represented by a second order rate equation. Zhang et al. (2001) 
used a thermodynamic model (Kharaka et al., 1988) coupled to a kinetic model to predict 
CaCO3 deposition downhole. The model has been applied to predict the scale formed on the 
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internal surface of a tube, and the predicted results are in good agreement with the real scale 
profile. Bertero et al. (1988) presented a numerical model coupling a reservoir-fluid-
flow/thermal-equilibrium simulator with a chemical-equilibrium computer code. The output 
of the model is the evolution with time of the amount of scale formed when changes in the 
injection water temperature occur or when there is mixing of incompatible waters. Li et al. 
(1995) developed a model to predict co-precipitation of BaSO4 and SrSO4 in oil fields. The 
computer model simulates reactive flow through porous media. Dissolved ions move in the 
aqueous phase by convection and diffusion, while the solid phase does not move with the 
fluid.
There are also several commercial programs to determine mineral scaling potential in oil 
and gas production. OLI (http://www.olisystems.com/oliscale.htm) is a software that 
computes gas-liquid-oil-solid equilibria up to 316ºC, 1517 bar and 7·105 TDS. The model 
uses a revised Helgeson’s equation of state to consider the temperature and pressure effects 
on the brine, while the SRK equation of state is used to account for the temperature and 
pressure effects both in the vapour and in the organic phase. Different activity coefficient 
models are implemented (Bromley, Zemaitis, Pitzer and Setschnow).  
3.3 The Extended UNIQUAC Model 
In this work, the extended universal quasichemical (extended UNIQUAC) model, as 
presented by Thomsen and Rasmussen (1999), is used to model solutions containing 
electrolytes, covering wide ranges of concentration, temperature, and pressure. The model 
was originally developed to represent vapour-liquid equilibrium in mixed solvents where 
salts were present. Since then, it has been applied to describe solid-liquid, liquid-liquid, and 
vapour-liquid equilibria in a wide range of system with good accuracy (Nicolaisen et al., 
1993, Thomsen, 1997, Thomsen et al., 1996, 2004, Thomsen and Rasmussen, 1999). 
The extended UNIQUAC model is a local composition model derived from the original 
UNIQUAC model (Abrams and Prausnitz, 1975, Maurer and Praustniz, 1978) by adding a 
Debye-Hückel term (Sander, 1984, Sander et al., 1986a, b) to take into account the presence 
of ionic species in the solution. The UNIQUAC term, which is subdivided into a 
combinatorial or entropic term and a residual or enthalpic term, takes into account the short 
range ion-ion, ion-solvent and solvent-solvent interactions. The Debye-Hückel term was 
originally derived for an ideal solution of charged particles, and takes into account long 
range, electrostatic ion-ion interactions. For salt-free solutions, the model reduces to the 
original UNIQUAC equation. 
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Hence, the excess Gibbs energy expression by the extended UNIQUAC model consists of 
three terms:  
E
HückelDebye
E
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E
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where GE is the molar excess Gibbs energy. The combinatorial and residual terms are 
identical to the terms used in the original UNIQUAC equation. These terms are based on the 
rational, symmetric activity coefficient convention, while the Debye-Hückel term is based 
on the rational, symmetric convention for water, and the rational, unsymmetric convention 
for ions. 
The combinatorial, entropic term takes into account the deviation from ideality due to 
differences in size and shape of the species forming the system. It is expressed as: 
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where R is the gas constant (8.314 J K-1 mol-1), T is the temperature in Kelvin, xi is the mole 
fraction of species i, z is the coordination number (the number of nearest neighbours, 
arbitrarily fixed at 10), i?  is the volume fraction of species i, and i?  is the surface area 
fraction of species i, expressed as: 
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where ri and qi are the volume and surface area parameters for species i.
The residual, enthalpic term takes into account the short-range molecular energetic 
interactions, and it is calculated as: 
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where ki?  is given by 
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In equation 3-6, uki (= uik) and uii are the interaction energy parameters. They are 
temperature dependent: 
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The Debye-Hückel contribution to the excess Gibbs energy of the extended UNIQUAC 
model is given by the expression: 
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where Mw is the molar mass of water (0.01801534 kg mol-1), xw is the mole fraction of 
water, A is a temperature and pressure dependent Debye-Hückel parameter, b is a constant 
equal to 1.5 (kg mol-1)½, and I is the ionic strength based on molality, calculated as: 
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In equation 3-9, zi is the charge of ion i and mi is the molality (mol (kg H2O)-1) of ion i.
Equation 3-8 is a simplification by Fowler and Guggenheim (1949) of the excess Gibbs 
energy given by Debye and Hückel (1923). 
The parameter A is calculated as 
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F is the Faradays constant (96484.6 C mol-1), NA is the Avogadro’s number (6.023·1023 mol-
1), ?0 is the vacuum permittivity (8.8542·10-12 C2J-1m-1), d is the density of the solution (kg 
m-3), and D is the dielectric constant (relative permittivity) of the solution (dimensionless). 
Both d and D are functions of temperature and pressure, and are calculated according to 
Wagner and Pruss (1993). 
The extended Debye-Hückel law is based on the assumption of infinite dilution. Therefore, 
it can describe the non-ideal behaviour caused by electrostatic forces in very dilute 
electrolyte solutions. As the ionic strength increases, the accuracy of the extended Debye-
Hückel law decreases, and it is not accurate for ionic strengths higher than 0.1 m. Therefore, 
the Debye-Hückel parameter A is only valid in very dilute solutions, where the density and 
relative permittivity of the solution are very close to the properties of pure water. For this 
reason, the parameter A for aqueous solutions is calculated according to the density and 
dielectric constant of pure water, instead of the properties of the real solution. According to 
Thomsen (1997), the value of the Debye-Hückel contribution to the activity coefficient is 
only changed a few percent when the density of pure water at 25°C is used instead of the 
density of a saturated solution of NaCl. Regarding the relative permittivity, the values for 
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pure water and real solutions may be rather different, especially in the high concentration 
region. Nevertheless, the ions only “see” pure water around them, and thus it is the property 
of water and not the solution the one needed in the A parameter.  
The activity coefficient for species i is obtained by partial molar differentiation: 
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Using equation 3-11 and the correspondent excess Gibbs free energy equations (equations 
3-2, 3-5 and 3-8), the different contributions to the activity coefficient can be obtained: 
sidualialCombinatorckeluHDebye Relnlnlnln ???? ??? ? ? (3-12)
It is necessary at this point to take into account that the different terms in equation 3-1 are 
not based on the same conventions. The combinatorial and residual UNIQUAC terms are 
based on the rational, symmetrical activity coefficient convention, while the Debye-Hückel 
term is based on the rational, symmetric convention for water, and the rational, 
unsymmetric convention for ions. The unsymmetric activity coefficient for ion i ( *i? ) ca be 
obtained from the symmetric activity coefficient using the relationship 
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Therefore, the equation for the unsymmetric activity coefficient of ion i is transformed into 
equation 3-14, while for water it is reduced to the form of equation 3-12. 
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The combinatorial and residual parts of the rational, symmetric activity coefficients are  
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where i can be applied to both water and ions. 
The infinite dilution terms of the combinatorial and residual parts of the activity coefficient 
can be obtained by setting the mole fraction of water equal to one (infinite dilution for ion i)
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Where ?i?  is the infinite dilution activity coefficient of ion i in pure water.  
By partial molal differentiation of equation 3-8, the contribution to the activity coefficient 
by the Debye-Hückel term is obtained, both for water and for ions: 
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Finally, the symmetric, rational activity coefficient for water can be expressed as 
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The unsymmetric, rational activity coefficient for ion i is: 
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The activity coefficients for water and ion i as expressed in equations 3-21 and 3-22 are 
rational (mole fraction based) activity coefficients. They can be converted to molal activity 
coefficients ( *,mi? ) using equation 3-23.
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where the summation is over all ionic species. In the case of water, *,mi?  and 
*
i? are replaced 
by mw,?  and w? , respectively. 
3.4 Gas Phase Fugacities 
The only two volatile solutes considered in this work are water and carbon dioxide. Ions are 
considered non volatile species and kept in the aqueous solution in the whole range of 
temperature and pressure investigated. Therefore, only the fugacity of vapour water and 
gaseous carbon dioxide are required by the model.  
At low pressure the vapour phase behaves almost like a perfect gas and the vapour phase 
fugacity coefficient is approximately one. Therefore, at low pressures, equation 2-9 for 
fugacity is simplified to: 
Pyf igi ?,ˆ                   (3-24)
The pressure range covered in the present work goes up to 1000 bar, and thus it is necessary 
to take into account the non-ideal behaviour of aqueous solutions of gases as CO2 at high 
pressures. To do so, the gas phase fugacity coefficients are calculated by the Soave-Redlich-
Kwong cubic equation of state, using classical mixing rules.  
3.5 Model Parameters 
The parameters required by the Debye-Hückel contribution to the extended UNIQUAC 
model are A and b in equation 3-8. The A parameter is calculated as a function of 
temperature and pressure as shown by equation 3-10. The b parameter can be explained in 
terms of specific short-range interactions between the ions and water or each other, but is 
best regarded as an empirical parameter. In this work, b is given the constant value 1.5 (kg 
(mol-1))½.
The parameters required by the SRK cubic equation of state are derived from the critical 
properties of the volatile species. The critical properties for water are taken from Wagner 
and Pruss (1993). 
The UNIQUAC model requires the volume and surface area parameters for each species (ri
and qi, respectively, in equations 3-3 and 3-4), and the interaction energy parameters for 
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each pair of interacting species ( kiu  and iiu  in equation 3-6). No ternary parameters are 
required.
In the UNIQUAC model presented by Abrams and Prausnitz (1975) the volume and surface 
area parameters for non-electrolytes (but for water) were calculated based on the geometry 
of the species. This calculation is not reliable for electrolyte systems, since the dimension of 
an ion in a crystal lattice differs from the real dimension in an aqueous solution as 
consequence of hydration. Therefore, both ri and qi are fitted to experimental data 
(Thomsen, 1997). 
Due to the constraint of electroneutrality, the properties of ions must be measured relative to 
the properties of a “reference ion”. The hydrogen ion was taken as that reference ion. Its 
thermodynamic properties (Gibbs free energy of formation, enthalpy of formation and heat 
capacity) in its standard state (hypothetical ideal one molal solution) are by convention all 
fixed at zero at all temperatures. If the standard chemical potential is given in a different 
standard state (and therefore not necessarily equal to zero), equation 3-25 can be applied: 
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The natural logarithm of the infinite dilution activity coefficient for the hydrogen ion 
( ??H?ln ) is taken to be zero at any temperature. Using this convention the infinite dilution 
activity coefficient of ion i can be calculated relative to H+. The value for the volume 
parameter for the hydrogen ion is obtained from equation 3-17, fixing ?Hq  at zero and using 
the r and q parameters for water given by Abrams and Prausnitz (1975) (Thomsen, 1997). 
The interaction energy parameters between the hydrogen ion and the rest of the species 
were fixed to 1010 K and 0, meaning no interaction between the hydrogen ion and the other 
components. With this convention, the contribution of the hydrogen ion to the residual 
excess Gibbs energy is null, and thus the activity coefficient for H+ is mainly determined by 
the Debye-Hückel term at all concentrations and temperatures (Thomsen et al., 1996). 
Some of the 0kiu  and 
t
kiu  parameters have been assigned the values 2500 K and 0, 
respectively. This is the case for the interaction parameters between aqueous CO2 and 
?2
3CO . Solutions containing 
?2
3CO  are characterized by containing an insignificant amount 
of aqueous CO2. Therefore, the interaction between those two species can be considered 
negligible. The same explanation is followed by the interaction parameter between Ba2+ and 
?2
4SO . The solubility of BaSO4 in all the systems studied is so low, that the interaction 
between those two ions may be considered negligible. In other cases, the lack of 
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experimental data for certain salts makes it difficult to estimate some parameters. This is the 
case for the binary interaction energy parameters between Sr2+ or Ba2+ and OH-. Moreover, 
those interactions are not considered relevant for the aim of the present work and are 
assumed to be low. As done by Thomsen et al. (1996), the water-water and the like cation 
interaction energy parameters have been fixed at zero to reduce the total number of 
parameters. This will influence the numerical value of the other parameters, but not the 
value of the binary interactions (?ki in equation 3-6), which is calculated from the difference 
between interaction energy parameters. 
Many of the UNIQUAC parameters required in the present work have already been 
estimated or given a fixed value and can be found in Thomsen (1997) or Thomsen et al. 
(1999). This is the case for volume and surface area parameters for H2O, H
+, Na+, Ca2+,
Mg2+, Cl-, ?24SO , OH
-, ?23CO and 
?
3HCO . Table 3-1 shows all the possible binary 
interactions between the different species considered in the present work. Cells in light grey 
represent parameters that have already been determined or given a fixed value. Cells in blue 
represent parameters to be estimated (or fixed) in the present work.
The unknown ri, qi, 0kiu  and tkiu parameters are determined on the basis of experimental data 
from the IVC-SEP databank for electrolyte solutions (http://www.ivc-
sep.kt.dtu.dk/databank/databank.asp).
The low number of parameters required by the extended UNIQUAC model to perform 
solid-liquid, liquid-liquid, vapour-liquid and speciation equilibria calculations is one of the 
main advantages of the model. The total number of parameters needed by the extended 
UNIQUAC model is similar to that required by the NRTL model, but considerably lower 
than the number required by Pitzer’s approach. According to Krop (1999), the complete 
thermodynamic description of the three component system NH3-CO2-H2O using Pitzer’s 
approach requires as many as 248 parameters (128 of them of binary and 120 of ternary 
interactions) assuming the symmetry of the ternary interaction parameters. Otherwise, the 
number of total parameters is furthermore increased. If the same system is described by the 
extended UNIQUAC model, the total number of parameters is decreased to 52: 16 volume 
and surface area parameters for the eight species considered by Krop (1999) (H+, OH-,
NH3(aq),
+
4NH , CO2(aq),
2-
3CO , 
-
3HCO  and NH2COO
-), and 36 binary interaction energy 
parameters. Of those, fixed values would be given to the interaction energy parameters 
between the hydrogen ion and any other species, and for the interaction +4NH -
+
4NH .
Therefore, the number of unknown parameters is reduced to 43. If the temperature 
dependency needs to be included in the model, the number of parameters required by 
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Pitzer’s approach would increase by a factor of 4-5, while only 120 parameters would be 
needed by the extended UNIQUAC model. 
Table 3-1. 
Binary interaction energy parameters for the multicomponent system considered in the 
present work 
CO2 H2O H
+ Na+ Ca2+ Ba2+ Sr2+ Mg2+ HCO3
- OH- Cl- CO3
2- SO4
2-
CO2             
H2O (1)            
H+ (1) (1)           
Na+ (1) (1) (1)          
Ca2+ (2) (2) (2)         
Ba2+        
Sr2+      
Mg2+ (2) (2) (2) (2) (2)      
HCO3
- (1) (1) (1) (1)     
OH- (1) (1) (1) (2) (1) (1)    
Cl- (1) (1) (1) (2) (2) (1) (1) (1)   
CO3
2- (1) (1) (1) (1) (1) (1) (1)  
SO4
2- (1) (1) (1) (2) (2) (1) (1) (1) (1) (1) 
           (1) Parameters taken from Thomsen et al. (1999). 
           (2) Unpublished parameters 
3.6 Parameter Estimation 
All the parameters required are estimated on the basis of experimental data, mainly solid-
liquid equilibrium data, in the temperature range from -10°C to 300oC , pressures up to 
1000 bar and concentrations from infinite dilution to saturation. Binary, ternary and 
quaternary data sets for mixtures with solvent water; cations Na+, Ca2+, Mg2+, Sr2+ and Ba2+;
and anions Cl-, 2-3CO , 
-
3HCO  and 
2-
4SO  were used. Also, VLE and SLE experimental data 
containing carbon dioxide were employed.  
All data were analyzed before being used. The first data check is done within each source of 
data, analyzing the tendency followed by the solubility with increasing temperature, 
pressure and/or salt concentration. For all the salts analyzed at high pressure in the present 
work, solubility increases with increasing pressure. Regarding the temperature and salt 
concentration, the behaviour varies from one system to another (e.g., CaSO4 solubility in 
pure water decreases with increasing temperature, while BaSO4 solubility in pure water 
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increases with temperature up to around 125oC, and behaves in the opposite way for higher 
temperatures). The trend followed by each system studied is generally well known and 
should be easily observed in the experimental data used. Also, the experimental procedure 
and device used to perform the measurements can be studied in order to find out 
methodological errors. Finally, data from different sources at the same conditions can be 
compared and those points considerably far away from the main tendency can be rejected. 
Note that for certain systems, the amount of data at high temperature and pressure are scarce 
and such comparison is difficult or even impossible. The problem is enhanced when the 
experiments are performed in solutions containing a second salt instead of pure water. The 
number of points that can be compared in this case is reduced drastically.  
The parameter estimation procedure varied depending on the system and number of 
unknown parameters. For example, for the system NaCl-SrSO4-H2O, the unknown 
parameters were the volume and surface area parameters for Sr2+, and the binary interaction 
energy parameters between Sr2+ and H2O, H
+, Na+, Sr2+, Cl-, 2-4SO , and OH
-. As mentioned 
previously, some of these parameters are fixed due to the lack of available experimental 
data or to reduce the total number of parameters. Thus, 2 2
0 0
Sr Sr
u K? ?? ? , 2 2 0
t
Sr Sr
u ? ?? ? ,
2
0 1010
Sr H
u K? ?? ? , 2 0
t
Sr H
u ? ?? ? , 2
0 2500
Sr OH
u K? ?? ?  and 2 0
t
Sr OH
u ? ?? ? . The final set of 
parameters to be estimated was 2Srr ? , 2Srq ? ,
0
2
2 OHSr
u
??
, t
OHSr
u
2
2 ??
, 0 2 ?? ?NaSru ,
t
NaSr
u ???2 ,
0
2 ???ClSr
u , t
ClSr
u ???2 ,
0
2
4
2 ?? ?SOSru , and 
t
SOSru ?? ? 242 . The volume and surface area parameter for Sr
2+,
together with the interaction energy parameters between Sr2+-H2O, Sr
2+-Cl- and Sr2+-Na+
were estimated on the basis of experimental data for the binary system SrCl2-H2O and for 
the ternary system SrCl2-NaCl-H2O. These parameters were determined simultaneously in 
order to differentiate between the interaction Sr2+-H2O and the other interactions. Once 
these parameters are estimated, the Sr2+- 2-4SO binary interaction energy is obtained from 
experimental solubility data for the binary system SrSO4-H2O at low pressure (atmospheric 
pressure or the saturation pressure of the solution at the given temperature) and the ternary 
system SrSO4-Na2SO4-H2O. The pressure parameters for the salt SrSO4 were determined on 
the basis of experimental solubility data for celestite in pure water at high pressure. Finally, 
experimental data on the quaternary system NaCl-SrSO4-H2O are added to the database and 
all parameters are estimated simultaneously. 
To estimate the parameters values, a non-linear, least squares minimization is performed in 
order to minimize the difference between calculated and experimental data. Such difference 
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was calculated in different ways according to the type of data and the system being studied. 
For the majority of the systems, the objective function to minimize was: 
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where the summation is over the data points and s is the solubility in mass percentage. Calc
and exp in equation 3-26 refer to calculated and experimental data, respectively. The 
summation in the numerator of equation 3-26 is over all the species present in the system 
(water, ions and molecules), while the summation in the denominator includes all the 
species but water. Most of the salts we are dealing with have a very low solubility in water 
and using solubility in the denominator of the objective function would magnify the error, 
even though the agreement between experimental points and the model is good. The 
problem was solved by introducing 0.04 in the denominator of equation 3-26. The constant 
0.04 was found to give low deviations if the experimental points were well represented by 
the extended UNIQUAC model and vice versa.  
When estimating parameters for the NaCl-H2O system, the large solubility of sodium 
chloride in water allows the use of the residual deviation (equation 3-27) as the objective 
function:
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4. Sulphate Scaling Minerals 
This chapter covers the modelling work performed on sulphate scaling minerals, and it has 
been published with the title “Prediction of mineral scale formation in geothermal and 
oilfield operations using the extended UNIQUAC model. Part I. Sulfate scaling minerals” in 
Geothermics 34 (2005), 61-97 (authors: Ada Villafáfila García, Kaj Thomsen and Erling H. 
Stenby).
The literature contains little information on most of the systems studied in this chapter at 
temperatures and pressures different from 25°C and 1 bar. Some of the data present in the 
literature are, moreover, highly suspected of being erroneous and comparisons among the 
results reported by different authors show an unacceptable variation in many cases. Reliable 
and accurate solubility measurements covering a wide range of thermodynamic conditions 
are necessary in order to accurately determine scale formation, otherwise, false predictions 
could be produced, such as over-or underestimates of scale formation or even negligence of 
the same (Vetter et al., 1983). So far the data on BaSO4 and SrSO4 solubilities in the high 
temperature and pressure range are somewhat incomplete. 
Of special concern is any system containing barite, as the solubilities are extremely low and 
therefore difficult to measure accurately.  
According to Vetter et al. (1983), the celestite solubilities determined by atomic absorption 
spectroscopy (which is a common experimental technique used for this purpose) can have a 
relative deviation as high as 16%. This value is expected to be even larger for barite. 
In the following, it will be demonstrated that the extended UNIQUAC model is able to give 
a very good representation of the solid-liquid phase equilibria in the binary and ternary 
systems, over the entire temperature, pressure and concentration range investigated. It will 
be shown that the model correlates the appearance and disappearance of the different solids 
very nicely. In all cases, the absolute deviation between extended UNIQUAC calculations 
and the experimental data is within experimental accuracy. A more detailed explanation 
about the procedure for calculating the experimental standard deviation is given in section 
4.1.
The high accuracy of the extended UNIQUAC model seems to decrease when four different 
ions are present in the solution, which may be explained in part by the very large scatter in 
data for these kinds of systems. In most of the cases, the lack of experimental measurements 
at the same conditions (especially at high temperatures and pressures) makes it impossible 
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to detect inaccurate data by comparison. For example, figure 4-1 shows the inconsistencies 
between different data sets for the quaternary SrSO4-NaCl-H2O system at 25ºC and 1 bar. In 
this case, the fact that a large number of investigators have studied the same system makes it 
easy to identify the unreliable data sets. As temperature and pressure increase, however, the 
number of sources reporting measurements of this type of system at the same conditions 
generally drops to one or two and no comparison is possible.  
This being the case, most of the data containing four ions and water were used for parameter 
regression, even though some data sets were in clear disagreement. We discarded only the 
data sets that followed a wrong tendency when varying temperature, pressure and salt 
concentration.  
0.000
0.001
0.002
0.003
0.004
0.005
0.006
0.007
0.008
0.009
0.010
0 2 4 6
NaCl (m)
Sr
SO
4 
(m
)
Reardon and
Armstrong (1987)
Culberson et al.
(1978)
Davis and Collins
(1971)
Howell et al. (1992)
Lucchesi and Whitney
(1962)
Müller (1960)
Brower and Renault
(1971)
Vetter et al. (1983)
Figure 4-1. Experimental solid-liquid phase diagram for the SrSO4-NaCl-H2O system at 
25ºC and 1 bar. 
The surface area and volume parameters obtained from the present work, together with the 
values required for other species obtained by Thomsen and Rasmussen (1999) are given in 
table 5-15 in Chapter 5. The binary energy interaction parameters for the extended 
UNIQUAC model are shown in table 5-16 and table 5-17. Finally, the two new pressure 
parameters added to the extended UNIQUAC model to account for the pressure dependency 
are given in table 5-18. The parameters obtained from the present work are marked in bold.  
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The values for the standard state Gibbs free energy, enthalpy and heat capacity for the 
different crystalline phases analyzed are taken (whenever it was available) from the NIST 
Chemical Thermodynamics Database (1990). Those values are also reported in table 4-20. 
4.1 Calculation of the Mean Absolute Deviation 
Because of the different pressure and temperature conditions used by the different authors, 
it was not possible to include all the experimental measurements in the standard deviation 
(SD) calculation. In order to use as much information as possible, we calculated a weighted 
average standard deviation (ASD) from the SD of experiments carried out at the same 
conditions of temperature and pressure.  
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Thus, in equation 4-1, n represents the number of experimental data at the same T and P and 
the standard deviation is calculated for all the available experimental data sets at constant 
conditions. These SD values are introduced in equation 4-2, where the summation is over all 
the different data sets. All the calculations are performed in molality units (m).
For ternary systems, the standard deviation for each salt is assumed to be similar to the SD
for the binary system salt-H2O, as the real value could not be calculated because of a 
complete lack of data at the same conditions of temperature, pressure and salt concentration. 
This calculation was possible for the system CaSO4-Na2SO4-H2O only, because different 
authors performed experiments at the same conditions.  
All data were analyzed prior to their use. Any data found to be inconsistent were not used 
for the parameter estimation and were not included in the standard deviation calculation.
When the same investigator reports more than one experimental point at the same 
conditions, we calculated the average value and used it as m in equation 4-1. In this way, no 
great weight is given to a single source. 
For a given system, the ASD obtained for all the experimental data used is compared to the 
average absolute deviation (AAD) between the results calculated by the extended 
UNIQUAC model and the values reported by each reference.
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These AAD values for each reference used in the present work are given in table 4-3 to table 
4-19. The mean AAD (MAAD) for all the references dealing with each system used is given 
at the bottom of each table. In most cases the AAD for each data set is lower than the ASD
so that the difference between experimental and calculated solubilities is within 
experimental accuracy. 
In equation 4-3, ndata stands for the number of experimental data used from each reference. 
Table 4-1 shows the values of the standard deviation for the different data sets at constant 
temperature and pressure for the system SrSO4-H2O. The calculated average standard 
deviation is also given in table 4-1. 
Table 4-2 shows the values for the ASD for all the binary systems studied in this paper and 
for the ternary system CaSO4-Na2SO4-H2O. As mentioned previously, the ASD could not be 
calculated for the rest of the ternary and the quaternary systems. 
Table 4-1 
Experimental data used to calculate the SD for the system SrSO4-H2O
Number of data T (ºC) P (bar) SD (m)
8 25 1 3.6E-05
2 30 1 5.7E-05
3 50 1 9.5E-05
2 75.5 1 1.1E-05
2 89.5 1 4.1E-06
2 100 1 5.0E-05
2 150.5 5 1.0E-04
2 200 15.6 2.8E-07
2 250 40 1.1E-06
ASD (m): 4.1E-05 
Table 4-2 
Calculated ASD values for different systems 
System          ASD (m) 
BaSO4-H2O 2.1E-06  
BaCl2-H2O 4.0E-02  
NaCl-H2O 1.8E-01  
SrSO4-H2O 4.1E-05  
SrCl2-H2O 4.0E-02  
CaSO4-H2O 7.8E-04  
Na2SO4-CaSO4-H2O 1.8E-02                                   Na2SO4
 3.8E-04                                         CaSO4
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4.2 Systems Containing Barium 
The results of the SLE-data correlation containing barium, performed in this work, are 
illustrated in tables 4-3 to 4-9 and figures 4-2 to 4-9. Experimental data are plotted along 
with calculated curves. 
4.2.1 BaSO4-H2O System 
The experimental and calculated phase diagrams for the system BaSO4-H2O at a constant 
pressure of 500 bar and a constant temperature of 200ºC are shown in figures 4-2 and 4-3, 
respectively. Barite solubility increases with temperature up to around 100-125ºC and starts 
decreasing for higher temperatures. Regarding pressure, a considerable increase from 8?10-6
to 2.4?10-5 mol BaSO4 (kg H2O)-1 (m) is observed when the pressure is increased from 1 to 
1000 bar. Of all the systems containing barite studied in the present work, only the BaSO4-
H2O and BaSO4-NaCl-H2O systems have been studied at high pressures and temperatures, 
as they are the ones with scale deposition problems. The rest of the systems will be shown 
at atmospheric pressure and temperatures up to around 100ºC. The same applies to the other 
systems investigated in the present chapter; only SrSO4-H2O, SrSO4-NaCl-H2O, CaSO4-
H2O and CaSO4-NaCl-H2O are considered relevant for scale formation and are studied at 
high temperature and pressure. 
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Figure 4-2. Experimental and calculated solid-liquid phase diagram for the BaSO4-H2O
system at 500 bar 
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Figure 4-3. Experimental and calculated solid-liquid phase diagram for the BaSO4-H2O
system at 200ºC 
The representation by the extended UNIQUAC model of the solubility curves shown in 
figure 4-2 and figure 4-3 is very good, with a mean absolute deviation (MAAD) of 1.6?10-6
m, well below the average experimental standard deviation (ASD: 2.1?10-6 m). These values, 
together with a list of references for the experimental data used for parameter estimation, 
are presented in table 4-3. The total number of data found in the reference is given, together 
with the number of data chosen for parameter estimation in this work (in brackets). 
Table 4-3 
Experimental binary BaSO4-H2O SLE data sets used for parameter estimation 
T (oC) P (bar) Number of data AAD (m)                    Reference 
25 1 1 (1) 1.8E-06 Trendafelov et al. (1994) 
25 1 1 (1) 1.4E-06 Brower and Renault (1971) 
25/95 1 6 (6) 5.5E-07 Templeton (1960) 
23/279 36/1406 40 (32) 1.1E-06 Blount (1977) 
25/300 1/1000 27 (27) 2.2E-06 Lyashchenko and Churagulov (1981) 
99.8/600 4.8/2100 18 (0)  Strübel (1967) 
MAAD (m): 1.6E-06 
Strübel (1967) and Blount (1977) report data (11 and 8 points, respectively) at temperatures 
and pressures outside the range correlated in this work (up to 300ºC and 1000 bar). 
The data of Strübel (1967) show very large deviations from model calculations and from 
other experimental data. Figure 4-3 shows the large disagreement when the data of Strübel 
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(1967) are compared to those of Lyashchenko and Churagulov (1981). The same 
disagreement is also found at other temperatures and pressures, when compared to other 
references from table 4-3. Moreover, in some of Strübel’s (1967) measurements, a decrease 
in barite solubility is observed for increasing pressure. Strübel’s (1967) data were not used 
for the evaluation of model parameters because of this apparent lack of reliability.  
4.2.2 BaCl2-H2O System 
The experimental data and the correlation results for the binary BaCl2-H2O system are 
given in table 4-4 and plotted in figure 4-4. The MAAD between experimental and 
calculated solubilities is within experimental accuracy (ASD of 0.04 m). 
Although the mean absolute deviation for this system is lower than the average 
experimental standard deviation, there are three references (Schreinemakers, 1911, 
Uspenskaya et al., 1955 and Moshinskii and Tikhomirova, 1973) for which the mean 
absolute deviation between calculated and experimental data is slightly higher than the 
average experimental standard deviation. Figure 4-4 shows that these three references seem 
to over- and under-estimate barium chloride solubility, when compared to the other ten 
references in table 4-4. This disagreement justifies the larger absolute deviation, although its 
value is low enough to keep these data sets. 
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Figure 4-4. Experimental and calculated solid-liquid phase diagram for the BaCl2-H2O
system at 1 bar.  
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Table 4-4 
Experimental binary BaCl2-H2O SLE data sets used for parameter estimation 
T (oC) P (bar) Number of data AAD (m) Reference 
-7.6/60 1 4 (4) 1.2E-01 Uspenskaya et al. (1955) 
-5/-0.1 1 17 (17) 1.3E-02 Gibbard and Fong (1975) 
-1.9/-0.5 1 6 (6) 9.5E-03 Jones and Pearce (1907) 
-0.9/0 1 5 (4) 1.1E-03 Loomis (1896) 
-0.5/0 1 39 (39) 1.1E-02 Jones (1893) 
0/30 1 2 (2) 7.8E-02 Schreinemakers (1911) 
9.7/180 1/8.15 12 (12) 4.1E-02 Eddy and Menzies (1940) 
20 1 1 (1) 4.0E-02 Findlay and Cruickshank (1926) 
25 1 1 (1) 3.0E-02 Varasova et al., 1937 
30 1 1 (1) 2.2E-02 Schreinemakers and de Baat (1909) 
30 1 1 (1) 2.2E-02 Schreinemakers (1910) 
50 1 1 (1) 6.9E-02 Moshinskii and Tikhomirova (1973)
50/100 1 2 (2) 4.9E-03 Assarsson (1956) 
MAAD (m): 2.2E-02
4.2.3 Na2SO4-BaSO4-H2O System. 
We found only one reference (Jiang, 1996) dealing with the ternary system Na2SO4-BaSO4-
H2O. Lieser (1965) and Felmy et al. (1990) also studied the latter system at 20 and 25ºC, 
respectively, but unfortunately they reported their data only as plots. The accuracy of these 
measurements is questionable as the disagreement among the sources is large. The problem 
is aggravated by the fact that barite solubility in Na2SO4-H2O solutions is considerably 
lower than in pure water, because of the common-ion effect. Measurement of such low 
concentrations (of the order of 10-7/10-8 m) becomes very difficult and likely to include 
large errors. In his paper, Jiang (1996) made no comparison with other sources with the 
result that it is impossible to determine the reliability of such measurements. The aqueous 
solutions were determined by atomic absorption spectroscopy and Jiang (1996) claims that 
the error is between ± 0.05%. According to Vetter et al. (1983), this technique can lead to  
relative deviations that are much larger than the value reported by Jiang (1996). 
The range of temperatures and pressures covered for this system and the number of 
experimental data are given in table 4-5. The average absolute deviation between calculated 
and experimental data is also shown. The average experimental standard deviation for that 
reference could not be calculated as different measurements at the same conditions 
(temperature, pressure and Na2SO4 concentration) were not available.  
The representation of the extended UNIQUAC model for the ternary system BaSO4-
Na2SO4-H2O at 20ºC and 1 bar is shown in figure 4-5. 
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Table 4-5 
Experimental ternary BaSO4-Na2SO4-H2O SLE data sets used for parameter estimation 
T (oC) P (bar) Number of data AADBaSO4 (m) Reference 
0/80 1 60 (60) 5.0E-08 Jiang  (1996) 
MAAD (m): 5.0E-08 
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Figure 4-5. Experimental and calculated solid-liquid phase diagram for the BaSO4-Na2SO4-
H2O system at 20ºC and 1 bar. 
4.2.4 BaCl2-NaCl-H2O System 
The extended UNIQUAC model is also able to accurately represent the ternary system 
BaCl2-NaCl-H2O, presented in table 4-6 and figure 4-6. As mentioned previously, no 
experimental standard deviation could be calculated because of the lack of measurements 
carried out at the same experimental conditions.  
Table 4-6 
Experimental ternary BaCl2-NaCl-H2O SLE data sets used for parameter estimation 
T (oC) P (bar) Number of data AADBaCl2 (m) Reference 
-6.4/-0.2 1  21 (21) 5.3E-03 Gibbard and Fong (1975)
0/50 1 2 (2) 1.3E-01 Speranskaya (1954) 
20 1 7 (7) 9.3E-02 Findlay and Cruickshank (1926) 
30 1 10 (10) 8.3E-02 Schreinemakers and de Baat (1909) 
MAAD (m): 9.2E-02 
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Speranskaya (1954) reports two measurements at 0 and 50ºC that deviate considerably from 
the model calculations. As no additional data for the ternary system are given at those 
conditions, it is not possible to compare these points with other measurements and 
determine their accuracy. The rest of the 38 points used are in close agreement with the 
extended UNIQUAC model and the system is satisfactorily represented by the model. 
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Figure 4-6. Experimental and calculated solid-liquid phase diagram for the BaCl2-NaCl-
H2O system at 30ºC and 1 bar. 
4.2.5 BaSO4-NaCl-H2O System 
Table 4-7 presents an overview of the data used for evaluation of the model parameters for 
the system BaSO4-NaCl-H2O is given. The temperature and pressure range of each data set 
are listed, along with the average absolute deviation between calculated and experimental 
data for BaSO4. The number of data points found and used from each set of data is also 
given in table 4-7. A more detailed review about the different experimental procedures 
employed in the different studies is given in Chapter 9.
Many of the data are shown to be inaccurate and most of them could not be tested for their 
reliability. It is clear, at certain conditions, the measurements are erroneous, as two sources 
report rather different values. Because of the lack of data at the same conditions it is 
impossible to determine which sources can be trusted. The extended UNIQUAC model is 
able, however, to accurately correlate experimental NaCl-BaSO4-H2O data, as shown in 
figures 4-7 and 4-8. The accuracy of the model is very good even for very high NaCl 
BaCl2·2H2O
NaCl
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concentrations (up to 5 m NaCl), and also at high temperatures and pressures. Figure 4-8 
shows the change in the solubility tendency with temperature depending on the NaCl 
concentration. For high ionic strengths, barite solubility increases constantly with 
temperature, while for low ionic strengths a maximum solubility is observed around 100-
150ºC.
Table 4.7 
Experimental quaternary NaCl-BaSO4-H2O SLE data sets used for parameter estimation 
T (oC) P (bar) Number of data AADBaSO4 (m) Reference 
20/350 1/165 41 (40) 2.9E-05 Strübel (1967) 
25/95 1 108 (108) 1.6E-05 Templeton (1960) 
25 1 8 (8) 3.2E-05 Davis and Collins (1971) 
80/120 1/414 34 (0)  Schulien (1987) 
94/253 5/560 35 (35) 3.4E-05 Blount (1977) 
95/340 1/165.4 84 (71) 2.2E-04 Uchameyshvili et al. (1966) 
MAAD (m): 7.5E-05 
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Figure 4-7 Experimental and calculated solid-liquid phase diagram for the BaSO4-NaCl-
H2O system at 50ºC and 1 bar. 
Uchameyshvili et al. (1966) and Strübel (1967) performed measurements outside the 
temperature range of interest in this work. 
Uchameyshvili et al. (1966) data show a relatively large scatter at some conditions (i.e., 
barite solubilities at 0.25 m NaCl and 170oC varied from 8.66·10-5 to 9.77·10-5 m). When 
compared to Templeton (1960), the values reported by Uchameyshvili et al. (1966) are 
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considerably lower, being the measurements by Templeton (1960) at 95oC comparable to 
the values given by Uchameyshvili et al. (1966) at 140oC. The latter investigators suggest 
such difference may be due to the different particle size employed (Uchameyshvili et al. 
(1966) used a single crystal while Templeton (1960) used finely crystalline powder).
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Figure 4-8 Experimental and calculated solid-liquid phase diagram for the BaSO4-NaCl-
H2O system at 500 bar. 
The data reported by Strübel (1967) at 90 and 100oC are consistent with those by 
Uchameyshvili et al. (1966) at 95oC, and also quite lower than the values by Templeton 
(1960). In general, the measurements performed by Strübel (1967) agree very well with the 
ones by Templeton (1960) for low temperatures (from 20 to 50oC). For higher temperatures, 
the disagreement is large, being more pronounced the larger the temperature is. Templeton 
(1960) shows a very large increase on barite solubility with increasing temperature from 65 
to 95oC, while the influence of this temperature range is less pronounced (and practically 
negligible from 60 to 80oC) for the data reported by Strübel (1967). For example, similar 
solubility values are obtained by Templeton (1960) at 65oC and by Strübel (1967) at 80oC,
under the same NaCl concentration. 
At temperatures above 100oC and pressures equal to the saturation pressure of the solution, 
the data reported by Uchameyshvili et al. (1966) and Blount (1977) are in agreement in the 
region of overlap. Nevertheless, that agreement is lost for the high pressure (100 to 500 bar) 
range, where Blount (1977) reports low solubilities compared to Uchameyshvili et al. 
(1966) (the measurements by Uchameyshvili et al. (1966) at the saturation pressure of the 
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solution are comparable to Blount’s (1977) values at 500bar). As it happened for 
Uchameyshvili et al. (1966), a large scatter is also observed for Blount’s (1977) data, 
especially at 150 and 200oC, where solubility values may vary from 6.4·10-4 to 7.6·10-4 m 
BaSO4. Results obtained by Templeton (1960) and Strübel (1967) are considerably higher 
than those obtained by Blount (1977). The latter results show smoother variations with 
temperature, pressure and NaCl concentration. Blount (1977) calculated solubility values 
for barite in NaCl solutions at 25oC from the values of the solubility product and the activity 
coefficients from a modified Debye-Hückel equation. The results he obtained are below 
those reported by Templeton (1960) and Strübel (1967), and agree with the data reported by 
Puchelt (1967)1. Calculated thermodynamic quantities from Blount (1977) measurements 
closely agree with those calculated from thermal and solution density data.  
Davis and Collins (1971) measurements are slightly lower than those by Templeton (1960) 
and Strübel’s (1967) at 20, 25 and 30oC, but the general agreement is good. 
According to Uchameyshvili et al. (1966), barite solubility increases steadily with 
increasing temperature for 2 m NaCl solutions, while it passes through a maximum for 0.25 
m NaCl solutions, and it bends for 1 m NaCl solutions. The same monotically positive 
increase in barite solubility with increasing temperature was observed by Templeton (1960) 
for NaCl concentrations higher than 1 M, and by Blount (1977) for NaCl concentrations of 
4 m. Contrary to this behaviour, Schulien (1987) reports a maximum in barite solubility 
between 100 and 120oC, independently of the NaCl content of the solution. The results 
given by Schulien (1987) are extremely low when compared to any other source in table 
4.7. Moreover, the tendency followed by barite solubility with pressure seems to be wrong. 
No real changes are noticed in the solubility value when the pressure is increased from 1 to 
414 atm. In some experiments, a slight reduction in barite solubility is observed when the 
pressure is increased to 414 bar, and a maximum is obtained at 200 bar. 
Monnin (1999) developed a model for the solubility of barite in electrolyte solutions to 
200oC and 1000 bar. The results predicted by his model at 80oC are in full agreement with 
Templeton’s (1960) data, but that agreement is lost (10% RD) at 100oC when the results are 
compared to the experimental values determined by Strübel (1967) and Blount (1977) in the 
1 to 3 M NaCl concentration range. Monnin’s (1999) results are also systematically higher 
than Schulien’s (1987) measurements at 80, 100, and 120oC and at 1, 200 and 400 bar. 
1  Puchelt (1967) reported his measurements only in plots, and therefore his values could not be used for 
parameter estimation. They were used, nevertheless, for comparison with other sources.  
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We can conclude there is a general disagreement among the different solubility 
measurements reported by the sources in table 4-7, especially at high temperatures and 
pressures. As a general tendency, it seems Templeton (1960) reports the highest values of 
solubility, followed by Uchameyshvili et al. (1966), Strübel (1967), and finally Blount 
(1977). Schulien’s (1987) data are notably lower than the previous sources for any 
experimental condition. 
4.2.6 BaCl2-SrCl2-Na2SO4 System 
In order to estimate the interaction energy parameter between Ba2+ and Sr2+ the data by 
Qadirie (1990) were used. Qadirie (1990) performed solubility measurements in solutions 
containing BaCl2, SrCl2 and Na2SO4 at 20, 40 and 60oC and 1 atm. He analyzed both the 
concentration in the liquid phase and the composition of the solid phase, which was reported 
as a solid solution (Ba2+, Sr2+) ?24SO . Nevertheless, the ratio Ba
2+/(Ba2+ + Sr2+) in the solid 
solution was equal to 0.5 for most of the cases and could correspond to the formation of the 
double salt BaSO4?SrSO4 instead of a solid solution. Thus, the system was modelled 
assuming the double salt Ba?Sr(SO4)2 as the solid phase. Whenever the ratio Ba2+/(Ba2+ +
Sr2+) was different from 0.5, two different solid phases were assumed to appear: the double 
salt Ba?Sr(SO4)2 together with a pure salt BaSO4 [for ratios Ba2+/(Ba2+ + Sr2+) higher than 
0.5] or SrSO4 [for ratios Ba2+/(Ba2+ + Sr2+) lower than 0.5]. The accuracy of the results 
obtained led us to conclude that the assumptions done are correct. Table 4-8 shows the 
average absolute deviation between the extended UNIQUAC model and the experimental 
data for the solubility of BaCl2 and SrCl2.
Table 4-8 
Experimental BaCl2-SrCl2-Na2SO4-H2O SLE data sets used for parameter estimation 
T (oC) P (bar) Number of data AADBa++ (m) AADSr++ (m) Reference 
20/60 1 112 (112) 2.8E-03 3.0E-03 Qadirie (1990) 
MAAD (m): 2.8E-03 3.0E-03 
4.2.7 Ba2+-Mg2+ and Ba2+-Ca2+ Interaction Energy Parameters
The binary energy interaction parameters for the pairs Ba2+-Mg2+ and Ba2+-Ca2+ were 
estimated on the basis of experimental SLE data for the ternary systems BaCl2-MCl2-H2O,
and the quaternary systems MCl2-BaSO4-H2O and Ca(NO3)2-BaCl2-H2O, where M 
represents Ca and Mg. The sources employed, number of experimental data used and ranges 
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of temperature and pressure covered are reported in table 4-9. The average absolute 
deviation between calculated and experimental data is given for Ba2+.
Table 4-9 
Experimental SLE data sets used for parameter estimation 
T (oC) P (bar) Number of data AADBa2+ (m) Reference 
25 1 8 (8) 8.0E-06 Davis and Collins (1971)a
25 1 12 (12) 8.9E-07 Neuman (1933) a
110/275 1/60 18 (18) 2.1E-04 Uchameyshvili et al. (1966)a
45/100 1 27 (27) 5.6E-02 Assarsson (1956)b
25 1 10 (10) 5.1E-05 Davis and Collins (1971)c
100/255 1/44 36 (36) 4.9E-04 Uchameyshvili et al. (1966)c
-17.5/60 1 97 (97) 7.3E-02 Uspenskaya et al. (1955)d
80/120 1 63 (63) 6.0E-02 Uspenskaya and Bergman (1955)d
25 1 7 (7) 2.5E-01 Varasova et al. (1937)e
a Quaternary MgCl2-BaSO4-H2O system 
b Ternary MgCl2-BaCl2-H2O system 
c Quaternary CaCl2-BaSO4-H2O system 
d Quaternary Ca(NO3)2-BaCl2-H2O system 
e Ternary CaCl2-BaCl2-H2O system 
Puchelt (1967) measured barite solubility data in MgCl2 and CaCl2 solutions, but 
unfortunately he reported his measurements only in plots, and therefore his values could not 
be used for parameter estimation. They were used, nevertheless, for comparison with other 
sources. There is a very large discrepancy between the tendency followed by Puchelt (1967) 
and that given by Davis and Collins (1971) for the CaCl2-BaSO4-H2O system. Davis and 
Collins (1971) obtained a maximum barite solubility (7.8·10-5 m) for CaCl2 concentrations 
around 0.2 m, while Puchelt (1967) obtained the maximum solubility (around 2·10-4 m) for 
a 1.8 m CaCl2 solution. For the MgCl2-BaSO4-H2O system, both Puchelt (1967) and Davis 
and Collins (1971) got a maximum in barite solubility for similar MgCl2 concentrations 
(around 1.8 m), but the former investigator reports higher BaSO4 values. For this system, 
there is a very good agreement between Neuman’s (1933) and Davis and Collins’ (1971) 
data in the region of overlap.
The data given by Uchameyshvili et al. (1966) for both MgCl2-BaSO4-H2O and CaCl2-
BaSO4-H2O systems cannot be compared to the previous sources due to the different 
temperature and pressure ranges covered. Nonetheless, the tendency reported by 
Uchameyshvili et al. (1966) for barite solubility with increasing chloride concentration is 
much more pronounced than that shown by Puchelt (1967) and Davis and Collins (1971).  
Figure 4-9 shows the calculations performed by the extended UNIQUAC model for the 
systems CaCl2-BaSO4-H2O and MgCl2-BaSO4-H2O. The model is able to fit experimental 
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data fairly accurately, even at relatively high chloride concentrations. Further experimental 
data are needed to clarify barite behaviour in CaCl2 and MgCl2 solutions.  
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Figure 4-9. Experimental and calculated solid-liquid phase diagram for the MgCl2-BaSO4-
H2O and CaCl2-BaSO4-H2O systems at 25ºC and 1 bar 
The formation of anhydrite (CaSO4) or gypsum (CaSO4·2H2O) for high chloride 
concentrations in the CaCl2-SrSO4-H2O system has been reported by Uchameyshvili et al. 
(1966) and Monnin (1999). For barite, CaSO4 precipitation is less documented than in the 
previous system due to the lower barite solubility (one order of magnitude lower than that of 
celestite). Thus, the sulphate content is not high enough to allow gypsum to precipitate. 
Uchameyshvili et al. (1966) observed, nevertheless, the formation of CaSO4 for 
temperatures higher than 230ºC. According to Monnin (1999), the anhydrite stability field is 
reached for solutions containing 0.165 m CaCl2 at 210ºC, and 0.5 m CaCl2 at 165ºC. When 
anhydrite precipitates from barite saturated solutions, the aqueous sulphate content 
decreases and the barium concentration increases. Even though anhydrite formation is 
reported by Uchameyshvili et al. (1966), their data do not follow that behaviour and are 
better modeled when equilibrium with only barite is considered (Monnin, 1999). 
CaCl2-BaSO4-H2O
MgCl2-BaSO4-H2O
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4.3 Systems Containing Strontium 
4.3.1 SrSO4-H2O System 
The experimental and calculated phase diagrams for the system SrSO4-H2O at a constant 
pressure of 200 bar and at constant temperatures of 25, 100 and 200oC are shown in figures 
4-10 and 4-11, respectively. Both diagrams are simple, with only one solid phase (SrSO4).
The decrease of celestite solubility with increasing temperature from 25ºC is very large, 
dropping from 7.5?10-4 m at 25oC to 6?10-5 m at 250oC. The calculated solubility compares 
well with the experimental data, which are presented in table 4-10, together with the 
temperature and pressure range covered and the average absolute deviation between the 
extended UNIQUAC results and the experimental data. The value of the MAAD (1.6?10-5 m) 
is below the average experimental standard deviation of the data used for parameter 
estimation, which was found to be 4.1?10-5 m.  
Table 4-10 
Experimental binary SrSO4-H2O SLE data sets used for parameter estimation 
T (oC) P (bar) Number of data AAD (m) Reference 
0/98 1 7 (0)  Wolfmann (1896) 
2/35 1/1013 18 (0)  MacDonald and North (1974) 
2.8/32.3 1 3 (3) 1.6E-05 Kohlrausch (1908) 
5/95 1 11 (0)  Gallo (1935) 
10.3/89.3 1 19 (19) 6.3E-06 Reardon and Armstrong (1987)
20 1 1 (0)  Lieser (1965) 
20 1 1 (1) 2.7E-05 Belfiori (1940) 
22/600 1/1990 28 (12) 1.6E-05 Strübel (1966) 
24.4/250 1/600 72 (72) 1.7E-05 Howell et al. (1992) 
25/125 1/2.3 4 (0)  Vetter et al. (1983) 
25 1 1 (1) 4.5E-05 Müller (1960) 
25 1 1 (1) 7.9E-07 Campbell and Nancollas (1969)
25 1 1 (0)  Selivanova and Zubova (1956) 
25 1 2 (2) 1.9E-05 Culberson et al. (1978) 
25 1 1 (1) 1.5E-05 Brower and Renault (1971) 
25 1 1 (0)  Marden (1916) 
30 1 1 (1) 5.7E-05 Campbell and Cook (1935) 
85.5/154.4 5.6/211.5 10 (3) 2.4E-05 Jacques and Bourland (1983) 
194/426 13.7/343 13 (0)  Booth and Bidwell (1950) 
MAAD (m): 1.6E-05 
At 86oC, some of the measurements of celestite solubility reported by Jacques and Bourland 
(1983) decrease considerably with pressure (from 7?10-4 m to 4.7?10-4 m when pressure 
increases from 1 to 200 bar). Additionally, the data are very scattered, with solubility values 
ranging from 5.6.10-4 m to 8.3.10-4 m at 38oC and 100 bar. Nevertheless, some other data 
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reported for the binary system (at 149.4oC and 80.7 bar, and at 154.4oC and 108.2 and 109.4 
bar) do not show any irregularity and are close to other measurements at similar conditions 
reported by different authors. Only some of the solubility values given by Jacques and 
Bourland (1983) were therefore used in the present work.
Gallo (1935) reported celestite solubilities in pure water in clear disagreement with the 
general tendency followed by most of the references shown in table 4-10. The same lack of 
reliability is shown for the measurements done by Marden (1916), Lieser (1965), and 
Selivanova and Zubova (1956). These authors report higher solubilities than the rest of the 
data sets analyze, being possible that surface poisoning effects contributed to the 
enhancement of the solubility (Reardon and Armstrong, 1987). The presence of adsorbed 
substances (particularly phosphates) at the surface of strontium sulphate crystals markedly 
affects the critical supersaturation and the rates of spontaneous precipitation and dissolution 
of that mineral (Campbell and Nancollas, 1969). 
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Figure 4-10. Experimental and calculated solid-liquid phase diagram for the SrSO4-H2O
system at 200 bar. 
The data of Wolfmann (1896) display, by far, the greatest discrepancies with respect to the 
other studies (as large as 6?10-4 m). Furthermore, his data do not follow the expected trend 
of increasing solubility with pressure. 
The only measurement from MacDonald and North (1974) that could be compared to other 
sources was the one at 2oC and 1 bar (the other experimental conditions were unique). The 
solubility reported at those conditions by MacDonald and North (1974) disagrees 
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considerably with the values reported by the different authors in table 4-10 at similar 
conditions. Thus, this source was not considered reliable.
Vetter et al. (1983) performed measurements in pure water and in NaCl solutions at 25, 75, 
95 and 125oC. They adopted a radioactive tracer technique using 90Sr and some of the 
results were cross-checked using 35S instead of 90Sr. Both methods led to relative deviations 
as large as 30%.   
The data of Booth and Bidwell (1950) are of relatively low precision as they deviate 
systematically from the majority of other studies.  
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Figure 4-11. Experimental and calculated solid-liquid phase diagram for the SrSO4-H2O
system at 25, 100 and 200 ºC. 
4.3.2 SrCl2-H2O System 
The binary phase diagram for the system SrCl2-H2O is shown in figure 4-12. The extended 
UNIQUAC model can represent the experimental data for this system with high accuracy 
and the agreement between the calculated and experimental eutectic point and peritectic 
points is good. The results for the SrCl2 salt with reference to the experimental data are 
given in table 4-11. Due to the lack of experimental data at the same conditions, the 
25oC
100oC
200oC
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calculated experimental ASD value is not very reliable. It is only based on the difference 
between the data reported by Assarsson (1953) and Moshinskii and Tikhomirova (1973) at 
50ºC. The value for the mean average absolute deviation between experimental data and 
extended UNIQUAC calculations is low compared to the solubility values (MAAD of 0.1 m 
for solubilities in the range of 3 to 7 m). 
Table 4-11 
Experimental binary SrCl2-H2O SLE data sets used for parameter estimation 
T (oC) P (bar) Number of data AAD (m) Reference 
-6/-0.05 1 10 (10) 6.5E-02 Jones and Pearce (1907) 
18/114 1 18 (18) 1.1E-01 Assarsson (1953) 
25 1 1 (1) 1.2E-01 Rard and Miller (1982) 
50 1 1 (1) 2.8E-01 Moshinskii and Tikhomirova (1973)
MAAD (m): 1.0E-01 
0
1
2
3
4
5
6
7
8
-15 -5 5 15 25 35 45 55 65 75 85 95 105 115
Sr
C
l 2 
(m
)
Extended UNIQUAC model
Assarsson (1953)
Moshinskii and Tikhomirova (1973)
Jones and Pearce (1907)
Rard and Miller (1982)
T (°C)
Figure 4-12. Experimental and calculated solid-liquid phase diagram for the SrCl2-H2O
system at 1 bar. 
4.3.3 SrSO4-Na2SO4-H2O and SrCl2-NaCl-H2O Systems 
As mentioned previously for the case of barite, the average experimental standard deviation 
for the ternary systems SrSO4-Na2SO4-H2O and SrCl2-NaCl-H2O could not be calculated, 
because of the lack of experimental measurements at the same temperature, pressure and 
solution composition. The experimental standard deviation for the binary systems SrSO4-
SrCl2·6H2O
SrCl2·2H2O
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H2O (4.1?10-5 m) and SrCl2-H2O (4.0?10-2 m) was therefore taken as reference. Note that, as 
mentioned previously, the ASD for the system SrCl2-H2O is only based on two experimental 
values.
Tables 4-12 and 4-13 show the data sets used for these two ternary systems and the average 
absolute deviation between calculated and experimental data. The MAAD is in both cases 
lower than the average experimental standard deviation for the binary systems, 
demonstrating the ability of the model to represent the systems. 
Table 4-12 
Experimental ternary SrSO4-Na2SO4-H2O SLE data sets used for parameter estimation 
T (oC) P (bar) Number of data AADSrSO4 (m) Reference 
0/25 1 8 (8) 2.7E-05 Lucchesi and Whitney (1962) 
25 1 1 (1) 4.8E-05 Brower and Renault (1971) 
MAAD (m): 3.0E-05 
Table 4-13 
Experimental ternary SrCl2-NaCl-H2O SLE data sets used for parameter estimation 
T (oC) P (bar) Number of data AADSrCl2 (m) Reference 
18/114 1 27 (27) 1.7E-01 Assarsson (1953) 
MAAD (m): 1.7E-01 
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Figure 4-13. Experimental and calculated solid-liquid phase diagram for the SrSO4-
Na2SO4-H2O system at -0.05ºC and 1 bar. 
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Figure 4-13 shows the model calculations for the ternary system SrSO4-Na2SO4-H2O at -
0.05ºC and 1 bar. The calculated values are lower than the experimental ones, but the shape 
of the curve agrees with the experimental tendency. Moreover, the value for the MAAD
between experimental and calculated data is lower than that for the binary system SrSO4-
H2O, and the difference shown in figure 4-13 may be regarded as experimental inaccuracy 
(only one source was used for the ternary system, and therefore comparison to other sources 
was not possible). 
Figure 4-14 shows the extended UNIQUAC calculations for the ternary system SrCl2-NaCl-
H2O at 60ºC and 1 bar. For low NaCl concentrations, the solid phases are SrCl2·6H2O and 
SrCl2·2H2O, while NaCl appears for higher concentrations. The appearance and 
disappearance of these salts is well correlated by the model. 
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Figure 4-14. Experimental and calculated solid-liquid phase diagram for the SrCl2-NaCl-
H2O system at 60ºC and 1 bar. 
4.3.4 SrSO4-NaCl System 
Table 4-14 shows the different data used for the system SrSO4-NaCl-H2O. The temperature 
and pressure ranges for each data set are listed, as well as the average absolute deviation 
between the calculated and experimental data. A more detailed explanation about the 
different experimental procedures used and possible sources of error is presented in Chapter 
9.
NaCl
SrCl2·2H2O
SrCl2·6H2O
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As mentioned previously and shown in figure 4-1, there is a large disagreement among the 
different authors as regards experimental celestite solubility data in NaCl solutions. This 
disparity is aggravated at high temperature and pressure conditions. This variability may be 
related to the experimental difficulties associated to this mineral. According to Campbell 
and Cook (1935), supersaturated solutions of celestite are characterized by long term 
stability. Campbell and Nancollas (1969) aware of the propensity of this mineral for surface 
poisoning effects, while Enüstün and Turkevich (1960) assure the solubility of SrSO4
depends on the particle size. Most of the studies on celestite solubility do not consider these 
experimental problems and so the available solubility data in the literature are sometimes 
unreliable and inaccurate.  
Table 4-14 
Experimental quaternary SrSO4-NaCl-H2O SLE data sets used for parameter estimation 
T (oC) P (bar) Number of data AADSrSO4 (m) Reference 
-0.05/25 1 10 (0)  Lucchesi and Whitney (1962) 
9/20 1 2 (2) 1.3E-03 Gallo (1935) 
10.3/40 1 36 (36) 1.8E-04 Reardon and Armstrong (1987) 
20/60 1 26 (26) 5.4E-04 Qadirie (1990) 
20/90 1 32 (32) 2.2E-04 Strübel (1966) 
25 1 10 (10) 1.2E-04 Davis and Collins (1971) 
25 1 5 (5) 3.3E-04 Brower and Renault (1971) 
25 1 1 (1) 2.9E-04 Culberson et al. (1978) 
25 1 8 (0)  Müller (1960) 
25/253.5 1/600 436 (436) 4.4E-04 Howell et al. (1992) 
25/125 1/2.3 24 (0)  Vetter et al. (1983) 
80/120 1/414 49 (0)  Schulien (1987) 
100/305 0.2/165 41 (41) 5.1E-04 Jacques and Bourland (1983) 
MAAD (m): 4.2E-04 
A relatively good agreement is found in figure 4-1 for low NaCl concentrations (up to less 
than 1m NaCl). From that concentration, there are two sources (Müller, 1960 and Lucchesi 
and Whitney, 1962) reporting measurements that disagree considerably with the main 
tendency. For the first reference, even the solubility curve shape is different. Müller (1960) 
measured solubility values at 25°C and 1 atm in different NaCl solutions from 0.4 to 5.1 m. 
His data show a much higher solubility value and do not show a reversal in the solubility 
behaviour between 2 and 5 m NaCl, as observed by the other sources performing 
measurements at the same conditions. These unreliable data may be the result of an 
inadequate analytical technique (titration) to determine very low Sr2+ concentrations 
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Celestite solubility decreases with increasing temperature from 25ºC (from 0 to 25ºC 
celestite solubility increases with increasing temperature). This tendency is not clearly 
followed by the data reported by Schulien (1987) at atmospheric pressure. Schulien (1987) 
concluded that additional measurements are required to determine whether that deviation 
from the probable trend is due to analytical errors or inhomogeneities in the solutions. 
Regarding the trend followed with pressure, Schulien (1987) data show some 
inconsistencies. For some temperatures and NaCl concentrations, the solubility increases 
continuously from 1 to 400 bar. For other conditions the effect of pressure is negligible, and 
in other cases the effect is reversed, and the highest solubilities are found for the lowest 
pressures. According to Schulien (1987), this inconsistency is due to the small changes in 
solubility values with pressure, which lie within the variability of the experimental 
technique. As mentioned for barite measurements, the results given by Schulien (1987) for 
SrSO4  show a large scatter for some experimental conditions (e.g., at 80°C), and disagree 
with most of the sources given in table 4-14. Such disagreement may result as a 
consequence of the low time waited before performing analysis, and aggravated by the lack 
of agitation of the sample. 
Howell et al. (1992) agrees with Strübel (1966), Davis and Collins (1971), Culberson et al. 
(1978) and Reardon and Armstrong (1987) in the regions of overlap, for low sodium 
chloride concentrations (up to around l.5 m NaCl). For higher concentrations, the agreement 
is not so good, and Howell et al. (1992) report lower solubility data than the other sources. 
Moreover, there are some inconsistencies for some of the measurements reported by Howell 
et al. (1992). At the highest temperatures reported (200 and 250°C) the trend followed by 
the data for increasing pressures is wrong, and the values reported at 600 bar are lower than 
at 500 bar, and in some cases even lower than values at 200 bar. Also, scatter in the 
experimental data is found for the high temperature (T > 200°C) and high sodium chloride 
concentrations (3 m and higher). 
Vetter et al. (1983) report solubility values at 25ºC in relatively good agreement with many 
other sources. Nonetheless, that agreement is lost at higher temperatures, where Vetter et al. 
(1983) report very low values when compared to Strübel (1966), Jacques and Bourland 
(1983) or Howell et al. (1992). Also, the shape of the solubility curve reported by Vetter et 
al. (1983) at constant NaCl concentration differs from the ones followed by the rest of the 
sources. Vetter et al. (1893) used a radioactive tracer technique using 90Sr to determine Sr2+
concentrations. In some measurements, they cross-checked the results by using 35S as well. 
The two methods lead to solubility values differing as much as 30%.  
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Brower and Renault (1971) data agree with the majority of the sources reporting solubility 
data at 25°C and 1 atm when the NaCl concentration is lower than 1 m. For 1 m, the 
solubility reported by Brower and Renault (1971) is considerably larger than the values 
measured by Davis and Collins (1971), Vetter et al. (1983) and Howell et al. (1992). 
Finally, it seems that Davis and Collins (1971) report higher solubility values than Reardon 
and Armstrong (1987) for some similar conditions, while Strübel (1966) data are larger than 
Jacques and Bourland (1983) data, in the region of overlap. No further conclusions about 
the reliability of these sources can be taken due to the lack of additional information. 
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Figure 4-15. Experimental and calculated solid-liquid phase diagram for the SrSO4-NaCl-
H2O system at 25ºC and 1 bar, and 150ºC and 5 bar. 
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Figure 4-16. Experimental and calculated solid-liquid phase diagram for the SrSO4-NaCl-
H2O system at 100 bar. 
The experimental and calculated phase diagrams for the system SrSO4-NaCl-H2O at 25ºC 
and 1 bar, and at 150oC and the saturation pressure of the solution are shown in figure 4-15. 
The phase diagram at 50 and 200ºC and a constant pressure of 100 bar is shown in figure 4-
16. The effect of NaCl concentration on celestite solubility depends on temperature. For low 
temperatures (0-75ºC), SrSO4 solubility reaches a maximum for NaCl concentrations 
around 2-3 m, and then starts decreasing for higher concentrations. For high temperatures 
(100-300ºC), celestite solubility increases constantly with NaCl concentration.
4.3.5 Sr2+-Mg2+ and Sr2+-Ca2+ Interaction Energy Parameters 
The value of the binary energy interaction parameters between Sr2+ and Mg2+ or Ca2+ was 
estimated on the basis of experimental SLE data for the ternary system MSO4-SrSO4-H2O,
and the quaternary systems MCl2-SrSO4-H2O, where M stands for Ca and Mg. The sources 
found, the total number of data reported, and the temperature and pressure ranges covered 
by each source are presented in table 4-15. The average absolute deviation between 
calculated and experimental data is given for Sr2+.
Celestite solubility increases with the CaCl2 concentration and, at a certain chloride amount, 
the solid calcium sulphate stability field is reached (Monnin and Galinier, 1988). Then, 
gypsum or anhydrite will be the phases precipitating and controlling the sulphate content in 
the solution. According to Monnin (1999), gypsum forms at 25ºC in solutions containing 
more than 0.75 m CaCl2. At 75ºC anhydrite is the stable solid calcium sulphate phase, and it 
50ºC
200ºC
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will appear for CaCl2 concentrations above 0.5 m. That value decreases to 0.24 and 0.06 m 
CaCl2 when the temperature is raised to 95 and 125ºC, respectively. Analyzing the data 
reported by Brower and Renault (1971), Davis and Collins (1971), Culberson et al. (1978), 
and Vetter et al. (1983), it seems clear neither gypsum nor anhydrite did precipitate in any 
of the experiments reported, although their stability fields were reached. 
Table 4-15 
Experimental SLE data sets used for parameter estimation 
T (oC) P (bar) Number of data AADSr2+ (m) Reference 
25 1 1 1.5E-04 Culberson et al. (1978)a
25 1 4 1.8E-03 Brower and Renault (1971)a
25 1 9 3.0E-04 Davis and Collins (1971)a
25/125 1 27 2.0E-04 Vetter et al. (1983)a
25 1 2 1.9E-04 Brower and Renault (1971)b
25 1 1 4.2E-04 Culberson et al. (1978)c
25 1 2 8.0E-04 Brower and Renault (1971)c
25 1 9 7.6E-04 Davis and Collins (1971)c
25-125 1 27 3.5E-04 Vetter et al. (1983)c
25 1 1 2.8E-04 Brower and Renault (1971)d
a Quaternary MgCl2-SrSO4-H2O system 
b Ternary MgSO4-SrSO4-H2O system 
c Quaternary CaCl2-SrSO4-H2O system 
d Ternary CaSO4-SrSO4-H2O system 
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Figure 4-17. Experimental and calculated solid-liquid phase diagram for the MgCl2-SrSO4-
H2O and CaCl2-SrSO4-H2O systems at 95ºC and 1 bar. 
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Figure 4-17 shows the calculations performed by the extended UNIQUAC model for the 
systems CaCl2-SrSO4-H2O and MgCl2-SrSO4-H2O. The representation of the model for the 
quaternary systems is very good. Figure 4-17 shows than an increasing chloride 
concentration results in a salting-in effect, increasing the solubility of celestite.  
4.4 Systems Containing Calcium 
4.4.1 CaSO4-H2O System 
The r and q parameters for Ca2+ and the interaction parameters between Ca2+ and H2O, Cl-
and ?24SO  were determined from a large number of experimental solubility data of salts 
containing the mentioned ions. Therefore, only the interaction parameter between Ca2+ and 
Na+ and the pressure parameters ? and ? ?need to be regressed in the present work from 
experimental SLE data.  
Many studies on the solubility of anhydrite and gypsum in pure water are available in 
literature, although, at high temperatures and pressures, the number of experimental 
measurements decreases dramatically. The references used in this work for the binary 
CaSO4-H2O system, the temperature and pressure ranges covered, and the number of 
experimental data are given in table 4-16.
The experimental and calculated phase diagram for the system CaSO4-H2O at a constant 
pressure of 1000 bar is shown in figure 4-18. Extended UNIQUAC calculations are in very 
good agreement with the experimental data and the average absolute deviation between the 
model calculations and the experimental measurements is within experimental accuracy. A 
thorough analysis of the data was performed prior to the parameter estimation because the 
solubility data reported by numerous workers were not in agreement, perhaps because of the 
high instability of some of the forms of calcium sulphate. Solubility determinations by the 
usual isothermal method are rather difficult or may even be impossible (Zdanovskii and 
Spiridonov, 1967).
Table 4-16 
Experimental binary CaSO4-H2O SLE data sets used for parameter estimation 
T (oC) P (bar) Number of data AAD (m) Reference 
0/80 1 5 (3) 1.8E-04 Kydynov and Druzhinin (1957) 
0/92 1 9 (9) 4.7E-04 Posnjak (1938) 
0/100 1 5 (2) 1.4E-04 Zdanovskii and Spiridonov (1967) 
0.5/25 1 2 (2) 1.0E-04 Culberson et al. (1978) 
14 1 1 (0)  D'Anselme (1903) 
18 1 1 (0)  Kohlrausch and Rose (1893) 
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Table 4-16 (continuation)
Experimental binary CaSO4-H2O SLE data sets used for parameter estimation 
T (oC) P (bar) Number of data AAD (m) Reference 
18/218 1/22.1 6 (4) 1.6E-04 Melcher (1910) 
20 1 1 (1) 5.1E-04 Kuznetsov (1946) 
22/26 1 3 (3) 1.7E-04 Cameron and Seidell (1901) 
25 1 1 (0)  Cameron and Bell (1907) 
25 1 1 (1) 1.5E-04 Dietrich (1916) 
25    1       1 (1)        1.9E-04    Kolosov (1958) 
25 1 1 (1) 1.9E-04 Kolosov (1959) 
25 1 2 (2) 1.5E-04 Rza-Zade and Rustamov (1963) 
25 1 1 (1) 1.5E-04 Shternina and Frolova (1949) 
25 1 1 (1) 1.8E-04 Seidell and Smith (1904) 
25 1 1 (1) 1.9E-04 Jones (1939) 
25 1 2 (0)  Kruchenko and Beremzhanov (1976)
25/26 1 2 (2) 4.1E-05 Rza-Zade and Rustamov (1961) 
25/35 1 3 (2) 1.5E-04 Madgin and Swales (1956) 
25/50 1 8 (5) 5.5E-04 Bock (1961) 
25/75 1 4 (2) 1.4E-04 Hill and Wills (1938) 
25/80 1 5 (0)  Taperova (1940) 
25/100 1 6 (3) 2.8E-04 Hill and Yanick (1935) 
26/82 1 2 (0)  Cameron (1901) 
30/50 1/290 15 (10) 7.1E-03 Manikhin (1966) 
35 1 1 (1) 1.3E-04 Lepeshkov and Fradkina (1959) 
35 1 1 (1) 1.3E-04 Valyashko and Petrova (1952) 
35 1 1 (1) 1.3E-04 Novikola (1957) 
35 1 1 (1) 1.3E-04 Lepeshkov and Novikova (1958) 
35/60 1 3 (2) 1.6E-04 Dobberstein (1991) 
35/65 1 4 (3) 5.1E-04 Hill (1937) 
40 1 1 (1) 1.4E-04 Barba et al. (1984) 
40/100 1 4 (3) 2.1E-04 Hill (1934) 
40/125 1 6 (2) 1.4E-04 Marshall et al. (1964) 
50/83.5 3/1010 32 (2) 8.4E-04 Blount and Dickson (1973) 
55 1 5 (0)  Bodaleva and Lepeshov (1956) 
55 1            1 (1)      1.7E-03 Sveshnikova (1952) 
73/202.5 118/1410 17 (8) 1.2E-03 Blount and Dickson (1969) 
96/263 2/1010 54 (54) 7.9E-04 Dickson et al. (1963) 
100/195 1/13.8 53 (53) 6.2E-04 Hall et al. (1926) 
100/200 1/15.6 12 (8) 1.3E-04 Gardner and Glueckauf (1970) 
100/220 1/23.2 13 (13) 1.0E-04 Partridge and White (1929) 
100/300 1/1000 15 (15)      3.6E-04 Lyashchenko and Churagulov (1981) 
110 1 1 (0)  Gromova (1960) 
141/408 3.7/287.2     22 (13)        3.3E-04      Booth and Bidwell (1950) 
MAAD (m): 7.6E-04 
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The phase diagram for the binary system CaSO4-H2O contains a peritectic point at about 
45oC, where the stable solid phase changes from gypsum to anhydrite. At temperatures 
higher than 45oC, gypsum will therefore become a metastable phase and its dissolution will 
be suppressed by anhydrite crystallization, which is a more stable solid phase at those 
conditions. The same applies to anhydrite if the temperature is lower than 45oC, in which 
case gypsum will be the solid phase with the lowest solubility. Finally, a third, metastable 
solid phase, hemihydrate (CaSO4?0.5H2O), may appear in the binary CaSO4-H2O system.  
Many investigators measured both anhydrite and gypsum solubilities in pure water for 
temperature conditions where these solid phases are metastable and many other references 
also report CaSO4?0.5H2O as the solid phase, which is unstable at all temperatures. As we 
are only interested in the equilibrium phases at a given temperature and composition, all the 
experimental data concerning anhydrite below 40oC, gypsum above 45oC and the salt 
CaSO4?0.5H2O at any temperature were not used for parameter estimation. Both anhydrite 
and gypsum measurements in the temperature interval 40-45oC are used in the present work, 
because of the disagreement found in literature concerning the temperature of the peritectic 
point.
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Figure 4-18. Experimental and calculated solid-liquid phase diagram for the CaSO4-H2O
system at 1000 bar. 
The sources reporting experimental measurements where a metastable phase is the solid 
phase are: Kohlrausch and Rose (1893), Melcher (1910), Hill (1934, 1937), Hill and Yanick 
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(1935), Hill and Wills (1938), Taperova (1940), Bodaleva and Lepeshov (1956), Madgin 
and Swales (1956), Bock (1961), Marshall et al. (1964), Manikhin (1966), Zdanovskii and 
Spiridonov (1967), Gardner and Glueckauf (1970), Blount and Dickson (1973), Kruchenko 
and Beremzhanov (1976) and Dobberstein (1991). Some of the references cited also report 
measurements in which the solid phase is stable. Such experimental data will be used unless 
they disagree with the tendency followed by the majority of the sources, which is the case 
for the stable phases reported by Taperova (1940), Bodaleva and Lepeshov (1956) and 
Kruchenko and Beremzhanov (1976). 
When comparing the different available sources at atmospheric pressure, some 
measurements were found to be in disagreement with the tendency followed by the majority 
of the experimental data reported in table 4-16. Such data sets were not used for parameter 
estimation: Cameron (1901), D'Anselme (1903), Cameron and Bell (1907), and Gromova 
(1960).
The Kydynov and Druzhinin (1957) measurements at temperatures higher than 60oC seem 
to be inaccurate when compared to others. 
Hall et al. (1926) report very scattered data at all the conditions analyzed. For example, the 
anhydrite solubility at 122oC and 2.11 bar varies from 0.0033 m to 0.005 m. Nevertheless, 
all data from this source were used because it was not possible to distinguish between the 
good and bad data. 
4.4.2 CaSO4-Na2SO4 System 
The solubility diagram for the ternary system CaSO4-Na2SO4-H2O at 35oC and 1 bar is 
shown in figure 4-19, where the solid phase gypsum up to about 24 wt.% of Na2SO4; at this 
point the solid phase changes to glauberite (Na2SO4?CaSO4) and thenardite (Na2SO4) when 
the Na2SO4 concentration increases to about 32 wt.%. The gypsum curve shows a maximum 
and a minimum, which is a shape that is well represented by the extended UNIQUAC 
model. Nevertheless, when the temperature increases the calculations performed by the 
model lose some accuracy, probably because of the difficulty encountered by any model in 
following curves with such large tendency changes. Table 4-17 shows the data sources used 
for the ternary system CaSO4-Na2SO4-H2O, together with the average absolute deviation 
between the model calculations and the experimental data. The mean absolute deviation 
MAAD is larger than the average experimental standard deviation ASD. The results are 
fairly accurate, considering that only one parameter was used (the rest had already been 
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determined). A further study of such a system, with the possibility of modifying additional 
parameters, would very probably lead to much more accurate results. 
Many of the solubility measurements performed by Hill and Wills (1938) correspond to 
metastable phases, and therefore where not used for parameter estimation. The same 
criterion is applied to the data reported by Cameron et al. (1907) and Kydynov and 
Druzhinin (1957). 
Table 4-17 
Experimental ternary CaSO4-Na2SO4-H2O SLE data sets used for parameter estimation 
T (oC) P (bar) Number of data AADCaSO4 (m) Reference 
0/80 1 31 (15) 6.8E-03 Kydynov and Druzhinin (1957) 
18 1 2 (2) 5.3E-03 Mecke (1935) 
22 1 8 (8) 1.6E-03 Cameron and Seidell (1901) 
25 1 1 (1) 2.9E-03 Nikolskaya and Moshkina (1958) 
25 1 1 (0)  Cameron et al. (1907) 
25 1 4 (2) 1.2E-03 Madgin and Swales (1956) 
25 1 11 (11) 1.7E-03 Cameron and Breazeale (1904) 
25 1 12 (12) 1.7E-03 Kolosov (1959) 
25/75 1 144 (45) 3.8E-04 Hill and Wills (1938) 
35/55 1 7 (5) 2.2E-03 Lepeshkov and Fradkina (1959) 
40 1 11 (11) 7.0E-04 Barba et al. (1984) 
110 1 13 (13) 6.2E-04 Gromova (1960) 
MAAD (m): 1.6E-03 
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Figure 4-19. Experimental and calculated solid-liquid phase diagram for the CaSO4-
Na2SO4-H2O system at 35ºC and 1 bar 
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4.4.3 CaSO4-CaCl2-H2O and CaSO4-NaCl-H2O Systems 
As mentioned before, the additional parameters required for the Na-Ca-SO4-Cl-H2O system 
were already known. The experimental data sets given in table 4-18 for the ternary system 
CaSO4-CaCl2-H2O and in table 4-19 for the quaternary system CaSO4-NaCl-H2O were 
therefore not used for parameter estimation. The references dealing with these two systems, 
the conditions of temperature and pressure covered, and the number of experimental 
measurements are given in these two tables. The values of the AAD between experimental 
data and the extended UNIQUAC model are also presented.  
Table 4-18 
Experimental ternary CaSO4-CaCl2-H2O SLE data sets used for parameter estimation 
T (oC) P (bar) Number of data AADCaSO4 (m) Reference 
0/55 1 17 3.0E-03 Sveshnikova (1949) 
20 1 5 6.3E-04 Kuznetsov (1946) 
25 1 13 6.3E-04 Rza-Zade and Rustamov (1963) 
25 1 13 6.3E-04 Rza-Zade and Rustamov (1961) 
25 1 1 6.4E-04 Perova (1957) 
25 1 9 3.8E-04 Cameron and Seidell (1901) 
55 1 11 2.0E-03 Sveshnikova (1952) 
55 1 13 2.3E-03 Campbell and Marsh (1959) 
110 1 8 7.1E-04 Gromova (1960) 
MAAD (m): 1.5E-03 
Table 4-19 
Experimental quaternary CaSO4-NaCl-H2O SLE data sets used for parameter estimation 
T (oC) P (bar) Number of data AADCaSO4 (m) Reference 
-21.2/-3 1 40 2.8E-01 Korolev (1937) 
-4.5/-1.5 1 5 4.8E-01 Semenchenko and Zavada (1931) 
14 1 17 1.7E-02 D'Anselme (1903) 
15/82 1 55 1.7E-02 Cameron (1901) 
18 1 2 4.0E-03 Mecke (1935) 
19 1 9 1.8E-02 Foret (1943) 
20 1 9 1.2E-02 Orlov (1902) 
25 1 15 1.6E-02 Shternina and Frolova (1949) 
25 1 26 1.4E-02 Rza-Zade and Rustamov (1963) 
25 1 35 7.6E-03 Melnikova and Moshkina (1973) 
25 1 16 8.7E-02 Cameron et al. (1907) 
25/35 1 67 1.0E-02 Madgin and Swales (1956) 
25/50 1 48 3.0E-02 Bock (1961) 
40/200 1/15.5 134 2.1E-02 Marshall et al. (1964) 
94/302 1/1063 77 1.1E-01 Blount and Dickson (1969) 
100/200 1/15.4 19 9.2E-02 Il'inskii and German (1936) 
110 1 7 1.5E-01 Gromova (1960) 
MAAD (m): 5.8E-02 
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Table 4-20 
Thermodynamic properties (NIST, 1990) and related parameters 
? ?rGf0 (kJ mol-1) ?rHf0 (kJ mol-1) Cp1 (J mol-1K-1) Cp2 (J mol-1K-2)
Sr2+ -559.48 -545.8 -1124.756a 3.450446a
BaCl2?H2O -1055.669 -1160.79 120 0
BaCl2?2H2O
_1296.32 _1460.13 161.96 0
BaSO4 _1361.866a _1467.929a 104.0038 0
SrSO4 ??1341.538a _1452.955a 100 0
SrCl2?2H2O
_1284.587a _1456.694a 160.2 0
SrCl2?6H2O
_2240.92 _2623.8 320 0
BaSO4?SrSO4
_2714.505a _2954.863a 201.75 0
CaSO4 _1321.8 _1436.132a 70.21b 0.009874b
CaSO4?2H2O
_1797.407a _2026.294a 91.38b 0.318b
Na2SO4?CaSO4
_2594.808 _2816.396 140.25b 0.2907b
Na2SO4 -1270.16 -1387.08 128.2 0
CaCl2 _748.1 _795.8 72.59 0
CaCl2?2H2O
_1253.87 _1402.9 153 0
CaCl2?4H2O
_1738.434 _2014.119 233 0
CaCl2?6H2O
_2219.378 _2607.658 313 0
a Values estimated from experimental SLE data.  
b Values taken from Kelley, 1960. 
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5. Carbonate Scaling Minerals 
This chapter is devoted to the calculation of the solubility of different carbonate minerals by 
means of the extended UNIQUAC model. It has been submitted with the title “Prediction of 
mineral scale formation in geothermal and oilfield operations using the extended UNIQUAC 
model. Part II. Carbonate scaling minerals” in Geothermics (authors: Ada Villafáfila García, 
Kaj Thomsen and Erling H. Stenby). In the following, it will be demonstrated that the 
extended UNIQUAC model is able to give a very good representation of the solid-liquid-
vapour phase equilibria for carbonate systems, in the whole temperature, pressure and 
concentration range investigated. In most of the cases, the absolute deviation between 
extended UNIQUAC calculations and the experimental data is within experimental accuracy. 
Table 5-1 shows the values for the ASD calculated from the experimental data reported for 
the different systems studied in this paper. 
Table 5-1 
Calculated ASD values for different systems 
System ASD (m)
CO2-H2O 4.1E-02
CO2-NaCl-H2O 2.2E-02
CO2-Na2SO4-H2O 2.7E-02
CaCO3-CO2-H2O 1.3E-03
BaCO3-CO2-H2O 2.3E-04
SrCO3-CO2-H2O
MgCO3-CO2-H2O 1.8E-02
The surface area and volume parameters obtained from the present work together with the 
values required for other species obtained by Thomsen and Rasmussen (1999) are given in 
table 5-15. The binary energy interaction parameters for the extended UNIQUAC model are 
shown in table 5-16 and table 5-17. Finally, the two new pressure parameters added to the 
extended UNIQUAC model to account for the pressure dependency are given in table 5-18. 
The parameters obtained from the present work are marked in bold.  
The values for the standard state Gibbs free energy, enthalpy and heat capacity for the 
different crystalline phases analyzed are taken (whenever it was available) from the NIST 
Chemical Thermodynamics Database (1990). Those values are also reported in table 5-19. 
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5.1 CO2 Solubility 
5.1.1 CO2 Solubility in Pure Water 
Most of the papers dealing with calcite (CaCO3) solubility in CO2-saturated water do not 
report the CO2 concentration in the liquid, but only the CaCO3 solubility and the partial 
pressure of CO2. In order to be able to use those data, the amount of CO2 in the solution at the 
experimental conditions is needed. Therefore, a program calculating CO2 solubility in water 
as a function of temperature and pressure was developed. The extended UNIQUAC model 
was used to calculate activity coefficients in the liquid phase, while gas phase fugacities were 
calculated according to the Soave-Redlich-Kwong equation of state, using classical mixing 
rules.
It was assumed that the CO2 solubility in CaCO3 solutions is very close to the CO2 solubility 
in pure water at the same conditions. This assumption is based on the fact that calcite 
solubility in water is so low that it will not influence the gas solubility significantly. This 
assumption is supported by table 5-2, where CO2 solubility values in the CaCO3-H2O
solutions reported by Malinin (1963) are compared to the values obtained from the program. 
The highest relative deviation is found to be 5.7%, and the average relative deviation is 3.1%. 
These values are low enough and demonstrate that the influence of calcite on CO2 solubility 
in the liquid phase can be neglected without leading to large errors. 
Diamond and Akinfiev (2003) reviewed 25 experimental studies on CO2 solubility in pure 
water in the temperature range from -1.5 to 100°C, and pressures from 1 to 1000 bar. 
Different criteria were used to analyze the references, giving them a different weight factor 
depending on their reliability. All the points with the highest accuracy (according to Diamond 
and Akinfiev, 2003): Wiebe and Gaddy (1939, 1940), Bartholome and Friz (1956), Matous et 
al. (1969), Zawisza and Malesinska (1981), Müller et al. (1988), Bamberger et al. (2000), and 
Anderson (2002)) were used in this work for parameter estimation. Some of the points with 
very low accuracy (according to Diamond and Akinfiev, 2003) were rejected (Wroblewski 
(1883), Sander (1912), Hähnel (1920), Kritschewsky et al. (1935), Vilcu and Gainar (1967), 
Stewart and Munjal (1970), Teng et al. (1997), and Servio and Englezos (2001)). 
Table 5-3 shows all the publications used for the system CO2-H2O, the ranges of temperature 
and pressure covered by them, the number of data points reported by each publication, the 
number of data points used in the present work (in brackets), and the average absolute 
deviation between our calculations and the experimental data. The calculated CO2 solubilities 
in pure water compare well with the experimental data, with a mean absolute deviation of 
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3.6·10-2 m CO2, while the average standard deviation for the experimental data is 4.1·10-2 m 
CO2.
Table 5-2 
Calculated versus experimental CO2 solubility in CaCO3-H2O solutions.  
T  P        CO2 solubility in pure water (m) RD
(°C) (bar) Malinin (1963) Our model (%) 
150 10.9 0.053 0.056 5.66 
150 20.2 0.133 0.138 3.76 
150 21.7 0.146 0.151 3.42 
150 35.1 0.262 0.263 0.38 
150 54.2 0.409 0.411 0.56 
150 54.3 0.410 0.414 0.98 
150 57.5 0.443 0.437 -1.35 
150 59.2 0.457 0.450 -1.53 
150 145.1 0.955 0.973 1.88 
150 200.1 1.192 1.228 3.02 
225 57.9 0.318 0.337 5.97 
225 80.4 0.523 0.553 5.74 
225 131.4 0.955 1.002 4.92 
225 135.3 0.978 1.034 5.73 
225 199.1 1.458 1.518 4.12 
225 200.1 1.468 1.525 3.88 
225 398.2 2.660 2.767 4.02 
225 402.1 2.680 2.788 4.03 
Table 5-3 
Experimental CO2-H2O VLE data sets used for parameter estimation.  
T (°C) P (bar) Number of data AAD (m) Reference 
0/12.4 5/30.4 12 (0)  Wroblewski (1883) 
0/15 5/45.6 14 (0)  Hähnel (1920) 
0/25 0.1/1 19 (19) 5.3E-04 Morgan and Maass (1931) 
0/25 1 3 (3) 1.7E-03 Kiss et al. (1937) 
0/25 10/45 12 (0)  Stewart and Munjal (1970) 
0/50 1.00E+00 18 (18) 6.0E-04 Harned and Davis (1943) 
0/60 1/9 65 (65) 8.7E-03 Wasmund and Bultmann (1980)  
0/100 1/96 95 (95) 2.8E-02 Zelvenskii (1937) 
0.2/40 1.00E+00 3 (3) 7.2E-04 Markham and Kobe (1941a) 
1/5 9/21 9 (9) 9.6E-03 Malegaonkar et al. (1997)  
1/15 1/22 53 (53) 8.2E-03 Anderson (2002) 
1/35 1.00E+00 8 (8) 1.1E-03 Murray and Riley (1971) 
100/200 3/81 49 (49) 3.6E-02 Müller et al. (1988)  
3.9/10 20/42 9 (0)  Servio and Englezos (2001) 
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Table 5-3 (continuation)
Experimental CO2-H2O VLE data sets used for parameter estimation. 
T (°C) P (bar) Number of data AAD (m) Reference 
5/20 64.4/295        24 (0)  Teng et al. (1997) 
5/65 0.5/0.8 10 (10) 3.0E-04 Zheng et al. (1997) 
10/30 1/20 15 (15) 1.6E-02 Bartholome and Friz (1956) 
10/70 10/160 23 (0) 1.7E-02 Oleinik  
11.5/40 0.1/0.9 24 (24) 1.2E-03 Novak et al. (1961) 
12/40 50/506 42 (42) 1.0E-01 Wiebe and Gaddy (1940)  
13.3/74.7 1 19 (19) 1.9E-03 Morrison and Billett (1952) 
15/25 1.00E+00 2 (2) 1.2E-03 Geffcken (1904) 
15/55 1 5 (5) 1.4E-03 Postigo et al. (1978) 
15.6/93.3 6.9/202.7 16 (16) 2.8E-02 Gillespie and Wilson (1982) 
20/30 4.8/29 40 (0)  Kritschewsky et al. (1935) 
20/34 1 8 (8) 6.9E-04 Kunerth (1992) 
20/35 25/76 20 (0)  Vilcu and Gainar (1967) 
20/60 24/167 34 (0)  Sander (1912) 
21.2/21.8 1 4 (4) 2.1E-03 Curry and Hazelton (1938) 
22.8/25.5 1 6 (6) 3.9E-04 Van Slyke (1939) 
25 1 1 (1) 3.8E-04 Markham and Kobe (1941b) 
25 21.7/53.3 7 (7) 4.0E-02 Yang et al. (2000) 
25/45 1.00E+00 4 (4) 1.0E-03 Yeh and Peterson (1964) 
25/75 48 20 (20) 8.9E-03 Malinin and Savel'eva (1972) 
25/150 48 10 (10) 1.5E-02 Malinin and Kurovskaya (1975) 
30/80 9.3/39.3 13 (13) 8.8E-03 Matous et al. (1969) 
33/213 8/5.8 7 (6) 2.0E-02 Cramer (1982) 
40/120 1/92.6 39 (0)  Kiepe et al. (2002) 
5.00E+01 10.6/58 7 (7) 2.2E-03 Rumpf et al. (1994) 
50/80 40/141 29 (29) 1.1E-02 Bamberger et al. (2000) 
50/100 25/709 29 (29) 6.6E-02 Wiebe and Gaddy (1939) 
50/100 100/800 9 (0)  Shagiakhmetov and Tarzimanov (1981
50/200 1.5/54 33 (33) 9.2E-03 Zawisza and Malesinska (1981) 
50/350 200/3500 108 (14) 1.4E-01 Tödheide and Franck (1963) 
80/198 20.4/102 33 (33) 2.2E-02 Nighswander et al. (1989) 
101/120 23.3/703 26 (26) 9.9E-02 Prutton and Savage (1945) 
110/350 100/1500 121 (39) 2.2E-01 Takenouchi and Kennedy (1964) 
114/348 5/162 36 (23) 6.0E-03 Ellis (1959b) 
150/350 100/1400 39 (0)  Takenouchi and Kennedy (1965) 
177/334 25/199 15 (6) 3.7E-02 Ellis and Golding (1963) 
MAAD (m): 3.6E-02 
The original papers of Oleinik (unknown year) and Shagiakhmetov and Tarzimanov (1981) 
were not found. The data were taken from Diamond and Akinfiev (2003), who also obtained 
these measurements quoted in references different from the original publications. Although 
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the measurements reported by both sources compare well with the majority of the references 
analyzed, the lack of the original sources led us to discard the data for parameter estimation. 
The same criteria is followed for the CO2 solubilities in pure water given by Takenouchi and 
Kennedy (1965). They measured the solubility of CO2 in 6 and 20 wt% NaCl solutions, and 
they also included in their work data for the solubility of CO2 in pure water. Nevertheless, it 
is not explained where the latter data were taken from.  
Some of the references rejected by Diamond and Akinfiev (2003) were used in the present 
work for parameter estimation, as they are believed to be accurate enough, and the agreement 
among those sources and the ones considered reliable is rather good.
The weight factor given by Diamond and Akinfiev (2003) to the data reported by Gillespie 
and Wilson (1982) is 0.33. Diamond and Akinfiev (2003) claim that those points deviate 
systematically from the majority of other studies, but we think the deviation is small enough 
to consider the source reliable. Figure 5-1 shows all the CO2-H2O data used in the present 
work at 30°C and the correlation by the extended UNIQUAC model. The agreement between 
the data reported by the reference mentioned above and Wiebe and Gaddy (1940), 
Bartholome and Friz (1956) and Matous et al. (1969) is quite good even at high pressures. 
The same agreement is also found at other temperatures. The latter references were all given 
a weight factor of one, and therefore it was decided to use the measurements reported by 
Gillespie and Wilson (1982) for parameter estimation.  
Only one out of the seven measurements performed by Cramer (1982) was analyzed by 
Diamond and Akinfiev (2003) (the other six points were out of the T/P range of interest in 
that source). Cramer’s (1982) work was discarded by Diamond and Akinfiev (2003) due to its 
“deviation from the assumption of ?CO2 ?  1 at low solubility”. Figure 5-1 compares the 
rejected point with the measurements performed by Bartholome and Friz (1956), which was 
given a weight factor of unity. It is clearly observed that both sources agree very well, and 
therefore the tendency followed by the activity coefficient in both cases should be the same. 
When comparing the other six points to reliable sources, a good agreement is found in most 
of the cases. The highest deviation is found at 146°C. This point was therefore not used for 
parameter estimation.  
The solubilities reported by Yang et al. (2000) agree rather well with many other sources, and 
therefore it was decided to use those points for parameter estimation. 
The solubility values measured by Zelvenskii (1937) agree remarkably well with the majority 
of other studies. Diamond and Akinfiev (2003) claim that at temperatures above 50°C the 
CO2 activity coefficient does not tend to zero for low concentrations. But the values reported 
by Zelvenskii (1937) at temperatures higher than 50°C are remarkably close to those from 
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Wiebe and Gaddy (1940), and Müller et al. (1988), both sources with a weight factor of unity. 
Therefore, if the temperature and pressure conditions coincide, and the solubility values are 
so close, the value of the activity coefficient should be similar. If two of the sources are 
considered reliable, the third one should also be given credibility. 
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Figure 5-1. Experimental and calculated vapour-liquid phase diagram for the CO2-H2O
system at 30°C 
Finally, measurements performed by Malinin and Kurovskaya (1975) were also used for 
parameter estimation, as they agreed with most of the reliable sources. 
Some sources report experimental data at temperatures and/or pressures out of the range of 
interest in the present work. That is the case of Ellis (1959b), Ellis and Golding (1963), 
Tödheide and Franck (1963) and Takenouchi and Kennedy (1964). The number of 
experiments performed by these authors under the conditions of interest in the present work is 
23, 6, 14 and 39, respectively.
The other references given in table 5-3 and not analyzed by Diamond and Akinfiev (2003) 
were all used for parameter estimation, as they agreed very well with the trusted sources. 
Only the values reported by Kiepe et al. (2002) were discarded, as they deviate considerably 
from the main tendency, especially at pressures higher than 50 bar. 
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The calculated and experimental CO2 solubility in pure water at 150°C is shown in figure 5-2, 
where the good agreement between the extended UNIQUAC model and the data is observed 
even at very large pressures. Only data up to 1000 bar were used for parameter estimation, 
but figure 5-2 shows that predictions performed by our model at larger pressures (up to 1500 
bar) are very accurate. Carbon dioxide solubility increases considerably with pressure, 
changing from 0.028 m CO2 at 7.7 bar to 2.8 m CO2 at 1500 bar. 
Figure 5-3 shows the solubility of carbon dioxide in water at a constant pressure of 100 bar. 
CO2 solubility in water decreases very steeply with temperature from 25 to 100°C, while the 
influence of temperature becomes almost negligible in the temperature range from 100 to 
200°C. For higher temperatures, the carbon dioxide solubility decreases again with increasing 
temperature. The shape of the experimental curve is very well represented by the extended 
UNIQUAC model. Table 5-3 shows the value of the mean average absolute deviation 
between the model calculations and the experimental data used in this work. This value, 
3.6·10-2 m CO2, is lower than the experimental ASD (4.1·10-2 m CO2), and therefore it can be 
concluded that the calculations and predictions for the CO2-H2O system are within 
experimental accuracy. 
0.0
0.5
1.0
1.5
2.0
2.5
3.0
0 500 1000 1500
P (bar)
C
O
2 
(m
)
Extended UNIQUAC model
Zawisza and Malesinska (1981)
Malinin and Kurovskaya (1975)
Takenouchi and Kennedy (1964)
Tödheide and Franck (1963)
Figure 5-2. Experimental and calculated vapour-liquid phase diagram for the CO2-H2O
system at 150°C 
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5.1.2 CO2 Solubility in Aqueous Solutions of NaCl and Na2SO4
In order to be able to apply our model to the calculation of vapour-liquid-solid equilibria in 
natural waters, the main constituents of such kind of waters have to be accounted for. For this 
reason, we found necessary to study and model the carbon dioxide solubility in different 
electrolyte solutions, such as solutions containing NaCl and Na2SO4. The interaction 
parameters between CO2, ?3HCO ,
?2
3CO  and Na
+, Cl- and ?24SO  have been previously 
determined by Thomsen and Rasmussen (1999) on the basis of VLE and SLE data. The 
temperature and pressure range covered by them is from 0 to 100°C and from 1 to 100 atm, 
respectively. Those ranges are not enough for the purposes of the present work. Extrapolation 
to higher temperatures and pressure did not give accurate results, and therefore parameter 
estimation was carried out on the basis of VLE data covering a wider range of both 
temperature and pressure. 
The VLE behaviour in aqueous solutions may be quite different than in pure water. The 
thermodynamic properties of the solution can vary significantly as a consequence of the 
interactions between molecules and ionic species. Depending on the kind of salt, the gas 
solubility may be raised (salting-in effect) or decreased (salting-out effect). For carbon 
dioxide solubility in NaCl and Na2SO4 solutions, a large salting-out effect is noticed. 
Chapter 5:                                                                                                                  Carbonate Scaling Minerals 
Measurement and Modelling of Scaling Minerals 89
However, the general form and trend of the solubility curves is approximately the same as for 
the system CO2-H2O (Takenouchi and Kennedy, 1965).
5.1.2.1 CO2 Solubility in NaCl Solutions
Table 5-4 shows the sources found in the literature reporting carbon dioxide solubility in 
sodium chloride solutions at different temperatures and pressures. The number of 
experimental determinations for each source and the number of data used in the present paper 
(in brackets) is also given there.
Table 5-4
Experimental CO2-NaCl-H2O VLE data sets used for parameter estimation.  
T(°C) P(atm) Number of data AAD (m) Reference 
0/50 1 90 (90) 9.7E-04 Harned and Davis (1943) 
0/90 1 31 (0)  He and Morse (1993) 
0.2/40 1 15 (15) 1.3E-03 Markham and Kobe (1941a) 
15/35 1 27 (27) 1.3E-03 Yasunishi and Yoshida (1979) 
20/35 1 16 (16) 1.7E-03 Vazquez et al. (1994) 
25 1 8 (8) 1.5E-03 Onda et al. (1970) 
25/150 48.9 27 (27) 2.5E-02 Malinin and Kurovskaya (1975) 
25/75 48 13 (13) 4.3E-02 Malinin and Savel'eva (1972) 
40/160.8 4.6/96.4 63 (63) 1.5E-02 Rumpf  et al. (1994) 
80/200.5 21.1/100.3 34 (0)  Nighswander et al. (1989) 
172/334 25/213.6 59 (0)  Ellis and Golding (1963) 
25 1 7 (7) 1.9E-03 Yasunishi et al. (1979) 
250/450 100/1400 86 (30) 1.3E-01 Takenouchi and Kennedy (1965) 
100/500 200/2500 178 (32) 1.2E-01 Naumov et al. (1974) 
5/65 0.5/0.9 18 (0)  Zheng et al. (1997) 
MAAD (m): 3.1E-02
Rumpf et al. (1994) developed a model using Pitzer’s (1973) equations to predict CO2
solubility in sodium chloride solutions based on their experimental determinations. The 
results obtained by them agree very well with Markham and Kobe (1941a), Malinin and 
Savel'eva (1972), and Yasunishi and Yoshida (1979). The average relative deviation for the 
total pressure between the model given by Rumpf et al. (1994) and the previous sources is 
2.4%, 1.7% and 1.5%, respectively (values calculated by Rumpf et al., 1994). On the other 
hand, the dataset by Ellis and Golding (1963) disagrees with the model of Rumpf et al. 
(1994), with an average relative deviation of 5.7%. Therefore, it will not be used for 
parameter estimation. The data by Nighswander et al. (1989) agree only fairly with the model 
of Rumpf et al. (1994), and they also disagree with Takenouchi and Kennedy (1965). Both 
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Takenouchi and Kennedy (1965) and Nighswander et al. (1989) determined carbon dioxide 
solubility at 200°C and at comparable pressures, but at different NaCl concentrations of 1 and 
0.17 m, respectively. Even though the salt concentrations are different, the measurements 
gave similar results for the CO2 solubility, indicating that there is no salting-out effect. Thus, 
the data by Nighswander et al. (1989) were not used for parameter estimation. 
The shape of the carbon dioxide solubility curve in NaCl solutions obtained from the data of 
He and Morse (1993) and Zheng et al. (1997) differs from the curves obtained by the 
different datasets shown in table 5-4. The decrease in carbon dioxide solubility as a 
consequence of increasing concentration is much flatter for the data of He and Morse (1993) 
and Zheng et al. (1997) than claimed by the rest of the sources employed. He and Morse 
(1993) compared the value for the second dissociation constant for CO2 they obtained from 
their measurements to literature. A clear disagreement is found when compared to Thurmond 
and Millero (1982) and Patterson et al. (1982, 1984). Their pK values seem to agree with 
those by Harned and Bonner (1945). The data of He and Morse (1993) and Zheng et al. 
(1997) were therefore not used in the present work.
The effect of pressure on the carbon dioxide solubility in NaCl solutions reported by Naumov 
et al. (1974) does not agree with the data of Malinin and Kurovskaya’s (1975). The first 
source reports solubility values at 100°C and 100 bar very close to the values given by 
Malinin and Kurovskaya (1975) at 100°C and 48 bar, covering a NaCl concentration range 
from 0.5 to 6 m. The latter source is in good agreement with Malinin and Savel’eva (1972), 
which was mentioned previously due to its agreement with many other sources in table 5-4. 
On the other hand, Naumov et al. (1974) agrees quite well with Takenouchi and Kennedy 
(1965), especially at high temperatures (250 and 300°C). At lower temperatures (150 and 
200°C) the influence of NaCl concentration on CO2 solubility reported by both sources is 
somehow different. The values given by Naumov et al. (1974) at 0.5 and 5 m are very close 
to those by Takenouchi and Kennedy (1965) at 1 and 4.3 m, respectively. After analyzing all 
these data sets it seems clear that a general disagreement is found among the different 
sources. Nevertheless, the regions of overlap of the different studies are rather narrow, and a 
clear conclusion about the reliability of the sources cannot be achieved. Therefore, it was 
decided to employ them all in the present work. Both Takenouchi and Kennedy (1965) and 
Naumov et al. (1974) performed measurements at higher temperatures and pressures than the 
range of interest in this work (56 and 146 measurements, respectively).  
At 30 and 35°C and 1 atm total pressure, there is some scatter among the data reported by 
three sources: Harned and Davis (1943), Yasunishi and Yoshida (1979), and Vazquez et al. 
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(1994). Nevertheless, the differences are not so large and they can be regarded as reasonable 
experimental standard deviations. 
The experimental and calculated phase diagram for the system CO2-NaCl-H2O at a constant 
temperature of 160°C and NaCl concentrations of 4 and 6 m is shown in figure 5-4. Carbon 
dioxide solubility increases with increasing pressure, while it decreases for increasing salt 
concentration. 
Figure 5-5 shows experimental data in the pressure range from 60 to 70 bar, together with the 
model calculations, at both 4 and 6 m NaCl. The reason why data from a pressure range were 
used instead of isobaric data is the lack of isobaric data. Figure 5-5 includes calculations 
performed by the model at the experimental conditions (grey dots and triangles) together with 
the calculations at a constant pressure of 60 bar (lines). As already mentioned for figure 5-4, 
the salting-out effect can also be observed in figure 5-5. CO2 solubility decreases 
considerably with increasing temperature, passing from 0.53 m at 40°C to 0.22 m at 160°C, 
for 4 m NaCl solutions.   
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Figure 5-4. Experimental and calculated vapour-liquid phase diagram for the CO2-NaCl-H2O
system at 160°C. 
The representation by the extended UNIQUAC model of the solubility of carbon dioxide in 
NaCl solutions is very good, even for very concentrated solutions (close to the saturation of 
NaCl). The mean absolute deviation between the model calculations and the experimental 
points is 3.1·10-2 m, while the average standard deviation for the experimental points is 
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2.2·10-2 m. The latter value is mainly based on data at atmospheric conditions, due to the lack 
of experimental measurements at the same NaCl concentration, temperature and pressure. If 
only data at pressures larger than 1 atm are considered in the calculation of ASD, the value is 
increased to 1.5·10-1 m.  
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Figure 5-5. Experimental and calculated vapour-liquid phase diagram for the CO2-NaCl-H2O
system at 60-70bar. Lines represent calculations at a constant pressure of 60 bar, while grey 
dots and triangles represent calculations at the experimental pressure (in the range from 60 to 
70 bar), which are compared to the experimental data (red and blue dots and triangles).
Table 5-4 shows the AAD for each one of the CO2-NaCl-H2O sources employed in the 
present work. There, it can be seen that the value of AAD for all the sources at atmospheric 
pressure is lower than 2.2·10-2 m. For some sources dealing with higher pressures (Malinin 
and Kurovskaya, 1975 and Rumpf  et al., 1994) the value is lower or very close to 2.2·10-2 m. 
Only for the investigations at high pressure conditions the average absolute deviation 
between the extended UNIQUAC calculations and the experimental data is larger than 2.2·10-
2 m (but always lower than 0.15 m). Therefore, it can be concluded that extended UNIQUAC 
calculations are within experimental accuracy, and the model is able to represent correctly the 
salting-out effect and the temperature and pressure dependence of the carbon dioxide 
solubility in NaCl solutions (from very dilute solutions to almost the saturation point). 
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5.1.2.2 CO2 solubility in Na2SO4 solutions
Sodium sulphate also produces a relatively large salting-out effect for aqueous CO2 solutions, 
reducing the gas solubility in the solution when compared to that in pure water. 
Literature data on the solubility of carbon dioxide in aqueous solutions of sodium sulphate is 
scarce. Furthermore, most of the available data were measured at pressures around 1 atm and 
not very high temperatures. The sources found in literature reporting CO2 solubility in 
Na2SO4 solutions are given in table 5-5. The range of temperature and pressure covered, and 
the number of measurements performed and used in this work (in brackets) for parameter 
estimation can also be found there. 
Table 5-5 
Experimental CO2-Na2SO4-H2O VLE data sets used for parameter estimation.  
T(°C) P(atm) Number of data AAD (m) Reference 
0/90 0.3/1 24 (0)  He and Morse (1993) 
15/35 1 26 (26) 1.3E-03 Yasunishi and Yoshida (1979) 
25 1 3 (3) 3.7E-04 Onda et al. (1970) 
25 1 5 (5) 7.9E-04 Yasunishi et al. (1979) 
25/40 1 8 (8) 8.8E-04 Markham and Kobe (1941a) 
40/160 4.2/93.8 102 (102) 7.0E-03 Rumpf and Maurer (1993) 
50/75 1/200 26 (0)  Corti et al. (1990b) 
MAAD (m): 5.3E-03
As observed for the CO2 solubility in NaCl solutions, the shape of the carbon dioxide 
solubility curve in Na2SO4 solutions obtained from the data of He and Morse (1993) differs 
from the curves shown by the sources given in table 5-5. The decrease in carbon dioxide 
solubility as a consequence of increasing concentration is much flatter for He and Morse’s 
(1993) data than claimed by the rest of the sources employed. Moreover, when He and 
Morse’s (1993) data were compared to others at similar conditions, a disagreement for the 
former dataset was always found. Therefore, these data were not used for parameter 
estimation.  
As done for NaCl solutions previously, Rumpf and Maurer (1993) also used Pitzer’s (1973) 
equations to predict CO2 solubility in sodium sulphate solutions based on their experimental 
determinations. The agreement between the model by Rumpf and Maurer (1993) and the 
datasets reported by Markham and Kobe (1941a) is very good, with an average relative 
deviation in the partial pressure of carbon dioxide of 2.6% (value calculated by Rumpf and 
Maurer, 1993). The agreement is also good when comparing to Onda et al. (1970), Yasunishi 
and Yoshida (1979) and Yasunishi et al. (1979). On the other hand, quite large deviations 
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were obtained when comparing to Corti et al. (1990b), with an average relative deviation of 
14.2%, and a maximum relative deviation as large as 37%. Thus, it was decided not to use the 
latter source in the present work. 
The experimental and calculated phase diagrams for the system CO2-Na2SO4-H2O at a 
constant temperature of 140°C, and at pressures in the range of 80-90 bar are shown in figure 
5-6 and figure 5-7, respectively. CO2 solubility in Na2SO4 solutions behaves in a very similar 
way as in NaCl solutions. A salting-out effect is observed in both figures. Regarding 
temperature, carbon dioxide solubility decreases quite fast with increasing temperature in the 
range 0-100°C, while the slope of the curve is much flatter for higher temperatures. The 
solubility of CO2 in 1 m Na2SO4 solution decreases from 0.6 m at 50°C to 0.4 m at 160°C. 
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Figure 5-6. Experimental and calculated vapour-liquid phase diagram for the CO2-Na2SO4-
H2O system at 140°C. 
The calculated solubility compares very well with the experimental data presented in table 5-
5. The value of MAAD (5.3·10-3 m) is well below the ASD (2.7·10-2 m). The latter value was 
calculated taking into account all the experimental points, and not only those coming from 
different sources, due to the lack of data at the same conditions. 
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Figure 5-7. Experimental and calculated vapour-liquid phase diagram for the CO2-Na2SO4-
H2O system at 80-90bar. Lines represent calculations at a constant pressure of 80 bar, grey 
dots and triangles represent calculations at the experimental pressure (in the range from 80 to 
90 bar), which are compared to the experimental data (red and blue dots and triangles) 
5.1.2.3 CO2 Solubility in NaCl-Na2SO4 Solutions
Only one source (Yasunishi et al., 1979) studying the quaternary system CO2-NaCl-Na2SO4-
H2O has been used for parameter estimation. Yasunishi et al. (1979) performed 15 
measurements of carbon dioxide solubility in solutions of NaCl and Na2SO4 at 25°C and 1 
atm. The results obtained for this quaternary systems are also very satisfactory, with a MAAD
of 9.3·10-4 m. Figure 5-8 shows experimental and calculated CO2 solubilities in NaCl-Na2SO4
solutions as a function of the ionic strength of the solution, at 25°C and 1 atm. 
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Figure 5-8. Experimental and calculated CO2 solubility in NaCl-Na2SO4-H2O solutions of 
ionic strength I, at 25°C and 1 bar. 
5.2. CaCO3-H2O and CaCO3-CO2-H2O systems 
The solubility of calcite is highly influenced by the amount of carbonic acid present in the 
solution (CaCO3 solubility increases with CO2 concentration). In that sense, calcite solubility 
studies (and, in general, any carbonate mineral study) can be divided into different groups 
according to the amount of carbon dioxide employed. In most of the cases, pure CO2 is 
bubbled into the solution, and therefore the amount of CO2 in the liquid phase corresponds to 
the gas solubility in the calcite-water solution, at the experimental temperature and pressure. 
A second line of studies deals with calcite solubility in pure water, freed of CO2. To achieve 
that purpose, all the CO2 dissolved in the water is expelled previous to its use by vigorous 
boiling. Finally, some authors perform experiments adding a given amount of CO2 which is 
kept constant, while the temperature and/or pressure are changed.
Table 5-6 shows the sources reporting calcite solubility in pure water, and in CO2-H2O
solutions, together with the range of temperatures and pressures investigated, and the number 
of experimental points. 
Kendall (1912), Kindyakov et al. (1958), Morey (1962), MacDonald and North (1974) and 
Lyashchenko and Churagulov (1981) used water freed of carbon dioxide in their experiments. 
Kendall (1912) performed several experiments under atmospheric conditions. In three of his 
measurements, the CO2 was removed from the air by passing it through a column and 
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washing the air. None of these sources was used for parameter estimation, as very large 
discrepancies are found among the different investigators, and the tendency followed for 
increasing temperatures varies from one source to another. According to the data reported by 
Kendall (1912), calcite solubility increases with temperature from 25 to 100°C. MacDonald 
and North (1974) reported data from 1 to 25°C where the temperature influence on the 
solubility is practically negligible, and in most of the cases the lowest value is obtained for 
the lowest temperature used. For Morey’s (1962) data, the temperature influence on the 
solubility of calcite is negligible from 25 to 165°C, while decreasing solubilities were 
obtained for temperatures increasing from 165 to 350°C.  
Table 5-6 
Experimental CaCO3-H2O SLE and CaCO3-CO2-H2O SLVE data sets used for parameter 
estimation.  
T (°C) P (bar)    Number of data AAD (m) Reference 
0/55 1 2 (2) 8.4E-04 Yanat'eva (1955a) 
0/102 1/101 98 (98) 1.6E-03 Miller (1952) 
0.1/89.7 1 141 (133) 3.8E-04 Plummer and Busenberg (1982) 
1/23 1 5 (0)  Wells (unknown year) 
1/25 25.3/962.6 32 (0)  MacDonald and North (1974) 
10/60 1 8 (4) 8.3E-05 Wolf et al. (1989) 
10/70 1 30 (30) 1.1E-04 Weyl (1959) 
11/14 1 10 (0)  Treadwell and Reuter (1898) 
15/40 1 49 (49) 4.9E-04 Leather and Sen (1909) 
16 1 7 (7) 5.3E-04 Johnston (1915) 
16 1 12 (12) 4.4E-11 Schloesing (1872) 
16 1/6 4 (4) 2.2E-04 Engel (1889) 
25 1/24 13 (0)  Mitchell (1923) 
25 1 9 (9) 9.3E-04 Frear and Johnston (1929) 
25 1/1000 3 (0)  Lyashchenko and Churagulov (1981) 
25/75 1 2 (0)  Kindyakov et al. (1958) 
25/100 1 6 (2) 3.7E-03 Kendall (1912) 
25/350 200 10 (0)  Morey (1962) 
30/80 3.4/179 51 (51) 1.6E-03 Sippel and Glover (1964) 
70 1 1 (1) 4.0E-04 Yanat'eva (1960) 
75/200 5.5/68.2 260 (254) 4.9E-04 Segnit et al. (1962) 
98/302 1.9/142.3 59 (59) 6.1E-04 Ellis (1959a) 
   100/300   2/150     34 (34)  4.9E-04             Ellis (1963) 
   150/225  10.9/402     18 (18)  3.3E-04          Malinin (1963) 
   197/300  20/1000     48 (0)   Sharp and Kennedy (1965) 
MAAD (m): 7.4E-04 
The solubility value reported by Kindyakov et al. (1958) at 25°C is around five times larger 
than the average measurement given by the other sources at the same conditions. The 
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disagreement could be due to the presence of a gas phase containing carbon dioxide, in 
equilibrium with the solution, and enhancing calcite solubility. Nevertheless, the amount of 
CO2 employed in the measurements (if any) is not mentioned, and thus this source was not 
used for parameter estimation.  
Engel (1889), Treadwell and Reuter (1898), Mitchell (1923), Miller (1952), Yanat'eva 
(1955a), Ellis (1959a), Yanat'eva (1960), Segnit et al. (1962), Ellis (1963) and Malinin (1963) 
used a gas phase over the solution formed by pure carbon dioxide (plus the water vapour 
corresponding to the experimental conditions). 
Schloesing (1872), Leather and Sen (1910), Kendall (1912), Johnston (1915), Wells (1915a), 
Frear and Johnston (1929), Weyl (1959), Sippel and Glover (1964), Sharp and Kennedy 
(1965), Plummer and Busenberg (1982) and Wolf et al. (1989) measured calcite solubility in 
CO2-H2O solutions, where the amount of CO2 was smaller than the one corresponding to the 
saturation value. Most of these studies used a gas phase over the solution formed by air, or 
mixtures of carbon dioxide and N2 or air in different proportions. 
At 25°C, the solubility values reported by Wolf et al. (1989) are considerably lower than the 
average value given by many other sources at the same conditions, and therefore these points 
are not included in the parameter estimation. Also, low solubility values for calcite are 
reported by Plummer and Busenberg (1982) at 10°C, when compared to the data by 
Schloesing (1872) at 16°C or the data by Frear and Johnston (1929) at 25°C, all of them 
using very similar CO2 amounts in the liquid phase. 
None of the measurements performed by Sharp and Kennedy (1965) has been used in the 
present study, because their scatter is extremely large. At 200°C and a free CO2 content of 
0.73 m, calcite solubility varies from 2.6·10-3 to 6.7·10-3 m. Moreover, many points also show 
a wrong solubility tendency with temperature. 
The datasets by Treadwell and Reuter (1898) and Mitchell (1923) were not used for 
parameter estimation. The latter source does not show any influence of pressure on the 
solubility for pressures higher than 15 bar (and up to 25 bar). Treadwell and Reuter (1898) 
disagree considerably when compared to other sources at similar conditions. According to 
Leather and Sen (1910) and Johnston (1915), Treadwell and Reuter (1898) did not attain 
equilibrium, a fact resulting in a lack of constancy of the calculated solubility product. 
Segnit et al. (1962) measurements show a very large scatter, especially at 100°C, where 
CaCO3 solubility varies from 8.5·10
-3 to 11.2·10-3 m. They state their results agree 
satisfactorily with Ellis (1959a), but disagree somewhat with those obtained by Miller (1952) 
at 75 and 100°C at pressures above 10 atm. Nevertheless, the disagreement among all these 
sources was not extreme and all of them were used to estimate the required parameters (with 
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the exception of 4 points given by Segnit et al. (1962) showing the largest disagreement with 
the main tendency). 
The experimental and calculated phase diagrams for the CaCO3-CO2-H2O system at a 
constant temperature of 100°C and at a constant pressure of 40 bar are shown in figure 5-9 
and figure 5-10, respectively. The gas phase over the solution employed for all the 
measurements reported in figures 5-9 and 5-10 was pure carbon dioxide saturated with water 
vapour. Therefore, the increase of calcite solubility with increasing pressure also manifests 
the higher solubility of that mineral for higher CO2 concentrations. Regarding temperature, a 
very sharp decrease of calcite solubility is observed for increasing temperature. 
The large scatter in the experimental data can be observed in figure 5-9. The experimental 
standard deviation was calculated from data coming from different sources. When more than 
one point is given by the same author at the same conditions, the average of the values 
reported is calculated and compared to the rest of the sources reporting data at the same 
temperature and pressure. Therefore, the scatter shown in figure 5-9 for the measurements of 
Segnit et al. (1962) is not included in the calculation of the standard deviation.
Even though in most of the cases the CO2 content in the system was calculated instead of 
being experimental, the results obtained for the calcite solubility are very close to the 
experimental data. The mean absolute deviation between the calculations using extended 
UNIQUAC and the experimental measurements (7.4·10-4 m) is lower than the experimental 
standard deviation, which was calculated to be 1.3?10-3 m. It is confirmed, therefore, that the 
model is also applicable to the system CaCO3-CO2-H2O.
Some authors reported the CO2 concentration in the liquid phase, as well as the calcite 
solubility: Ellis (1959a) and Malinin (1963). In both cases, the experimental values were used 
instead of our calculations (and in both cases the difference between the reported values and 
the ones calculated by our program was very small). 
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5.3 BaCO3-H2O and BaCO3-CO2-H2O systems 
Very few studies on the solubility of witherite (BaCO3) in pure water and in pure water under 
various CO2 partial pressures have been found in literature. Among them, only a couple 
report solubility values at temperatures higher than 25°C or pressures larger than 
atmospheric. The list of experimental data used for parameter estimation is presented in table 
5-7. The total number of data found in each source is given, together with the number of data 
chosen for parameter estimation in this work (in brackets). Information about the ranges of 
temperature and pressure covered is also included. 
The experiments performed by Kohlrausch and Rose (1893), McCoy and Smith (1911), 
Townley et al. (1937), and Trendafelov et al. (1994) used water freed of CO2. The rest of the 
experimental data were determined under different CO2 partial pressures. Malinin (1963) and 
Busenberg and Plummer (1986) used pure CO2 saturated with water vapour as the gas phase. 
The latter authors also reported five experimental points where mixtures of N2 and CO2 in 
different proportions replaced the pure CO2 in the gas phase. Schloesing (1872) used 
mixtures of air and CO2 as the gas phase, with CO2 partial pressures ranging from 0.0005 to 
0.98 atm. From the latter references, only Malinin (1963) reported the amount of CO2
contained in the liquid phase, while the rest of the sources only measured the partial pressure 
of CO2. For such cases, we made similar assumptions to calculate the free carbon dioxide 
content in the solution as done previously for calcite: The CO2 amount was calculated from 
the parameters estimated for the CO2-H2O system in the present work. In this case we 
assumed CO2 solubility in witherite solutions is approximately equal to that in pure water. 
BaCO3 is a sparingly soluble salt in water, and it is reasonable to believe it will not influence 
carbon dioxide solubility to a large extent. When comparing our calculations with the CO2
contents reported by Malinin (1963) in BaCO3-H2O solutions (see table 5-8), the assumption 
made seems to be accurate. 
Table 5-7 
Experimental BaCO3-H2O and BaCO3-CO2-H2O SLVE experimental data sets used for parameter 
estimation.  
T(°C) P(atm) Number of data AAD (m) Reference 
-2/90 1 150 (150) 9.5E-05 Busenberg and Plummer (1986) 
16 1 12 (12) 7.5E-04 Schloesing (1872) 
18 1 1 (1) 9.7E-06 Kohlrausch and Rose (1893) 
25 1 1 (1) 4.7E-05 McCoy and Smith (1911) 
25 1 2 (2) 4.2E-05 Trendafelov et al.(1994) 
25/40 1 2 (0)  Townley et al. (1937) 
100/225 17/107 15 (0)  Malinin (1963) 
MAAD (m): 1.4E-04
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A significant disagreement is observed among some of the data sources listed in table 5-7. 
The recalculated values for the equilibrium constant for different sources in table 5-7 vary 
over three orders of magnitude, and the temperature dependence of the equilibrium constant 
cannot be determined from these data (Busenberg and Plummer, 1986). For example, the 
value of -8.8 given by Townley et al. (1937) for 
3
log BaCOK is too low when compared to 
many other sources dealing with the same system. On the other hand, the value of -5.5 
reported by Benes and Selecká (1973) for 
3
log BaCOK is too large compared to data from the 
sources shown in table 5-7.
Table 5-8 
Calculated versus experimental CO2 solubility in BaCO3-H2O solutions.  
T (°C) P (bar)        CO2 solubility in pure water (m) RD (%) 
  Malinin (1963) Our model  
100 16.7 0.161 0.163 1.24 
100 32.4 0.308 0.313 1.62 
100 52.0 0.482 0.480 -0.41 
150 14.8 0.087 0.091 4.60 
150 19.5 0.127 0.132 3.94 
150 27.2 0.193 0.198 2.59 
150 35.5 0.264 0.266 0.76 
150 53.3 0.405 0.406 0.25 
150 55.4 0.421 0.422 0.24 
150 83.7 0.625 0.621 -0.64 
150 107.1 0.750 0.767 2.27 
225 27.2 0.025 0.028 12.00 
225 42.8 0.173 0.187 8.09 
225 79.4 0.519 0.544 4.82 
225 98.8 0.693 0.720 3.90 
Most of Malinin’s (1963) solubility data cannot be compared to other sources given in table 
5-7, as he is the only author who used temperatures above 100°C. The value of the 
equilibrium constant for BaCO3 calculated from Malinin’s (1963) data at 100°C and various 
CO2 pressures is about 0.5 log units smaller than the value calculated by Busenberg and 
Plummer (1986) (Busenberg and Plummer, 1986).
The equation reported by Busenberg and Plummer (1986) for the equilibrium constant of 
BaCO3 agrees with many other sources (Schloesing, 1872, Holleman, 1893, McCoy and 
Smith, 1911, Millero et al., 1984). Their value at 25°C ( 562.8log
3
??BaCOK ) is also very 
similar to the one reported by the NIST Chemical Thermodynamics Database (1990). This 
agreement, and the fact that Busenberg and Plummer (1986) report the most detailed study on 
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witherite solubility, covering a wide range of temperatures, makes us take their work as the 
reference for the modelling of the system BaCO3-CO2-H2O.
The heat capacity of witherite as a function of temperature was experimentally studied by 
Gurevich et al. (1999) at very low temperatures, -253.12 – 65.66°C. Busenberg and Plummer 
(1986) derived a relation to calculate the equilibrium constant as a function of temperature, in 
the temperature range -2 to 90°C. From this relation, a temperature dependent Cp value can 
be derived. There is, however, a change in the sign of Cp for temperatures larger than 100°C 
(which is above the temperature range analyzed by them). Extrapolation of that relation to 
temperatures above the interval studied (-2 to 90°C) is therefore not possible. For this reason, 
we chose to use the value reported by the NIST Chemical Thermodynamics Database (1990). 
As the temperature range covered is small enough, the heat capacity may be considered 
constant with temperature. 
Table 5-7 shows the agreement between the experimental data and the extended UNIQUAC 
model calculation is excellent. The MAAD (1.4·10-4 m) is well below the ASD (2.3·10-4 m). 
Due to the lack of measurements performed at the same temperature, pressure and CO2
partial pressure, the ASD was mainly calculated from the standard deviation found in the data 
by Busenberg and Plummer (1986). 
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Figure 5-11. Experimental and calculated solid-liquid phase diagram for the BaCO3-CO2-
H2O system at atmospheric pressure. Gas phase formed by CO2 (g) and H2O (g). 
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The experimental and calculated SLE phase diagram for the system BaCO3-CO2-H2O at 
constant atmospheric pressure is shown in figure 5-11. The gas phase is formed by CO2 (g) 
and H2O (g) (in amounts corresponding to the saturation pressure of the solution at the given 
temperature). As it can be observed from figure 5-11, witherite solubility decreases with 
increasing temperature in the range -2 to 90°C. 
5.4 SrCO3-H2O and SrCO3-CO2-H2O systems
According to Kapustinsky and Dezideryeva (1946), the research on the thermodynamics of 
strontium and its compounds is far from exhaustive. This lack of research is even more 
noticeable for the case of strontianite (SrCO3). Large disagreements are found when 
comparing calorimetric data and calculations from the equilibrium constants, and the heat of 
reaction is calculated in most of the cases from quite old determinations. This problem is 
manifested in the heat of formation of strontianite from the elements given by two different 
studies carried out at practically the same time: Kelley and Anderson (1935) and Rossini and 
Bichowsky (1936). The values reported are -1168.2  and -1215 kJ/mol, respectively. 
Table 5-9 
Experimental SrCO3-H2O and SrCO3-CO2-H2O SLVE experimental data sets used for 
parameter estimation.  
T (oC) P (atm) Number of data AAD (m) Reference 
2/91.2 1 60 (60) 5.7E-05 Busenberg et al. (1984) 
5/25 1 4 (0)  Miles and Burton (1972) 
18 1 1 (0)  Kohlrausch and Rose (1893) 
18 1 1 (0) Haehnel (1924) 
25 1 1 (1) 9.9E-06 Kapustinsky and Dezideryeva (1946) 
25 1 7 (0)  Wattenberg and Timmermann (1937) 
25 1 1 (0)  McCoy and Smith (1911) 
25/40 1 2 (2) 5.8E-06 Townley et al. (1937) 
50/200 1/50 66 (0)  Helz and Holland (1965) 
MAAD (m): 5.5E-05 
The few sources studying strontianite solubility in pure water and in CO2-H2O solutions are 
shown in table 5-9, together with the number of experimental data reported and the range of 
temperature and pressure covered. Kohlrausch and Rose (1893), McCoy and Smith (1911), 
Townley et al. (1937), and Kapustinsky and Dezideryeva (1946) performed experiments in 
CO2-free water. Miles and Burton (1972) reported three solubility points in water previously 
freed of CO2, and one value using a solution in equilibrium with air. Haehnel (1924), Helz 
and Holland (1965), and Busenberg et al. (1984) used pure CO2 saturated with water vapour 
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as the gas phase, while Wattenberg and Timmermann (1937) used CO2-H2O solutions with 
different carbon dioxide amounts.  
None of the sources using CO2-H2O solutions measured the carbon dioxide concentration in 
the liquid phase. Therefore, it was calculated from our CO2 parameters as explained 
previously for the case of calcite. 
Wattenberg and Timmermann (1937) did not report the partial pressure for carbon dioxide, 
but instead they gave the solution pH, the concentration of carbonate ions and the value of the 
second dissociation constant for CO2. From those values and the first dissociation constant it 
was possible to calculate the free CO2 in the solution.  
Some of the studies given in table 5-9 show discrepant results. McCoy and Smith (1911) 
performed nine measurements of strontianite solubility at 25°C and CO2 partial pressures 
ranging from 0.05 to 1.1 atm. They did not report those data, but only the average solubility 
product (defined as the product of the concentrations of Ba2+ and ?23CO  ions). The solubility 
value calculated from it differs considerably from the rest of the sources in table 5-9. Other 
sources that were not used for parameter estimation due to their disagreement when 
compared to other experiments at the same conditions are Kohlrausch and Rose (1893) and 
Haehnel(1924).
Helz and Holland (1965) used natural strontianite in their experiments containing as much as 
5 mole percent CaCO3. This impurity of the original solid phase may lead to erroneous 
solubility values. Their data show a high scatter and a poor reproducibility at the higher 
pressures, which probably results from experimental difficulties in the hydrothermal bomb 
method (Busenberg et al. 1984). 
According to Busenberg et al. (1984), the experimental data by Miles and Burton (1972) in 
CO2-free water show a much larger temperature dependency between 5 and 25°C than 
observed by them. That could indicate failure to achieve equilibrium at lower temperatures. 
This may be perfectly the case as the authors only ran the experiments for 6 hours. They used 
both radiometric and flame emission spectrophotometric methods to determine strontianite 
solubility. The results obtained from both methods agree very well. Nevertheless, their results 
in every case disagree with other sources and were not used for parameter estimation in the 
present work. 
The data reported by Wattenberg and Timmermann (1937) could only be compared to those 
by Busenberg et al. (1984). A very large disagreement is observed, but the lack of additional 
data makes it difficult to determine the most reliable source. We chose to use Busenberg et al. 
(1984) because they report 60 solubility measurements covering a wide range of temperature 
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(from 2 to 91.2°C), while Wattenberg and Timmermann (1937) only reported 7 experimental 
data at a constant temperature of 25°C. Apart from the wider temperature range of the 
solubility study performed by Busenberg et al. (1984), their results are also supported by the 
close agreement1 with the calculations of Garrels et al. (1960) at 25°C in CO2 saturated water,  
Townley et al. (1937) at 25 and 40°C, and Sonderegger et al. (1976) at 30, 40 and 50°C in 
CO2 saturated water, although in the latter case, insufficient data were available to correct the 
equilibrium constants to Busenberg et al. (1984) aqueous model (Busenberg et al. 1984). 
The values found in the NIST Chemical Thermodynamics Database (1990) for the standard 
state enthalpy and Gibbs free energy of SrCO3 are very similar to the ones reported by 
Busenberg et al. (1984), and are the ones used in the present work. The value of the standard 
state heat capacity as a function of temperature was taken from Busenberg et al. (1984). Due 
to the relatively low number of experimental data (63) only the binary interaction parameter 
between Sr2+ and CO2 was estimated, while the parameters Sr
2+-HCO3
- and Sr2+-CO3
2- were 
fixed.
The experimental and calculated strontianite solubility in water saturated with CO2 at 
different temperatures and 1 atm total pressure is shown in figure 5-12. It can be observed 
that our results agree exceptionally well with the experimental data. Values for the mean 
average absolute deviation between our calculations and the experimental data are shown in 
table 5-9. The MAAD for all the data used is as low as 5.5·10-5 m SrCO3. Such value cannot 
be compared to the ASD as the lack of experimental data at similar conditions makes it 
impossible to determine a reliable average experimental standard deviation. Nevertheless, the 
value of MAAD is very low, especially taking into account the solubility reported by 
Busenberg et al. (1984) is of the order of 10-3 m SrCO3.
                                                
1 The comparison is performed by Busenberg et al. (1984). They recalculate the equilibrium constants reported 
in different sources according to the model employed by them. 
Chapter 5:                                                                                                                  Carbonate Scaling Minerals 
Measurement and Modelling of Scaling Minerals 107
0.000
0.001
0.002
0.003
0.004
0.005
0.006
0.007
0 20 40 60 80 100
T (oC)
Sr
C
O
3 
(m
)
Extended UNIQUAC model
Busenberg et al. (1984)
Figure 5-12. Experimental and calculated solid-liquid phase diagram for the SrCO3-CO2-
H2O system at atmospheric pressure. Gas phase formed by CO2 (g) and H2O (g). 
5.5 MgCO3-H2O and MgCO3-CO2-H2O
Magnesium is one of the common species found in natural waters. Therefore, the study of 
magnesium carbonate solubility in pure water and in CO2-H2O solutions is of great 
importance in the present work. Unfortunately, the system MgCO3-CO2-H2O is characterized 
by tremendous experimental chaos. Dismaying discrepancies are found regarding solubility 
values, stable solid phases at given temperature and pressure conditions, chemical formulae 
for the different solids, values for the standard state Gibbs free energy, enthalpy and heat 
capacity, etc. Moreover, most of the data are very old, and recent studies on this system are 
very scarce. Cameron and Briggs (1901) assured “every investigator who has attempted to 
study magnesium carbonate in solution has experienced very great experimental difficulties”. 
According to Christ and Hostetler (1970) “no carbonate mineral has proven more difficult to 
investigate experimentally than magnesite.” Königsberger et al. (1999) assure the situation 
did not improve in the 30 years period which separates their work from Christ and Hostetler’s 
(1970). More reliable experimental data on the MgCO3-CO2-H2O system are obviously 
needed.
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Before showing some of the results obtained by the extended UNIQUAC model for this 
system, a more detailed explanation about the different problems encountered when trying to 
model it will be addressed. 
5.5.1 Chemical Formula for Hydromagnesite 
The chemical formula for hydromagnesite is a source of disagreement among different 
investigators. In general, most of the published formulae for this mineral can be divided into 
two groups, although additional suggestions in disagreement with both of the main two 
tendencies are also available in the literature. 
Baron and Favre (1958), Kazakov et al. (1959), Yanat’eva and Rassonskaya (1961), Morandi 
(1969), Riesen (1969), Raade (1970), Robie and Hemingway (1972, 1973), Sayles and Fyfe 
(1973), Dandurand and Schott (1977) and Königsberger et al. (1999) agree on the chemical 
formula 5MgO·4CO2·5H2O. On the other hand, Moressée and Cesaro (1910), Palache et al. 
(1951), Carpenter (1963), Hostetler (1964) and Langmuir (1965a) support the formula 
4MgO·3CO2·4H2O.
Leitmeier (1915) studied the composition of the basic magnesium carbonate which forms in 
CO2-saturated solutions at temperatures between 60 and 100°C. His 37 analyses correspond 
to the formula 4MgO·3CO2·XH2O, where X is between 4 and 6. Therefore, his study was 
closer to the second group. 
Takahashi (1927) used in his study the chemical formula 5MgO·4CO2·7H2O for 
hydromagnesite, very close to the first group, but with additional water molecules.
The disagreement on the hydromagnesite chemical formula may be due to the relative 
similarity in the mole proportions for the different alternatives, which makes it difficult to use 
chemical analysis alone to differentiate them (Davies and Bubela, 1973). 
The consequence of the use of different hydromagnesite type phases of varying composition 
is a great variety of contradicting solubility data. The solubility behaviour of the different 
phases may be rather different. Königsberger et al. (1999) assure that the formula 
5MgO·4CO2·7H2O has a relatively larger solubility than 4MgO·3CO2·4H2O.
Hydromagnesite is the most problematic mineral in the MgCO3-CO2-H2O system regarding 
its chemical formula, but some discrepancies are also found for other minerals. The accepted 
formula for lansfordite by the majority of the investigators is MgCO3·5H2O. Nevertheless, 
completely different expressions, such as 4MgO·3CO2·22H2O (Moressée and Cesaro, 1910) 
can be found in the literature. 
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5.5.2 Stability 
The solubility product for magnesite at 25°C varies according to the publication from 10-5.10
to 10-10.3 (Christ and Hostetler, 1970). These values correspond to a free energy of formation 
of magnesite, at 25°C, ranging from -1012.5 to -1042.2 kJ/mol. The consequence of such a 
large variation is completely different relative stabilities for the various minerals in the 
system MgCO3-CO2-H2O. For example, if we accept as true the activity product of 10
-5.1 
given by Langmuir (1965a), the solid phases periclase (MgO), brucite (Mg(OH)2), magnesite 
(MgCO3), hydromagnesite, nesquehonite (MgCO3·3H2O), and lansfordite (MgCO3·5H2O)
will all have stability fields at  different values of temperature, carbon dioxide partial pressure 
and activity of water. On the other hand, if we consider as true the activity product of 10-8.1
reported by Rossini et al. (1961) and Robie and Waldbaum (1965), only magnesite and 
brucite will be stable phases at surface and near-surface conditions, while hydromagnesite, 
nesquehonite and lansfordite will be highly metastable. 
Even though many different solubility diagrams for the system MgCO3-CO2-H2O may be 
found in the literature, most of the investigations follow either Langmuir’s (1965a) or 
Rossini’s et al. (1961) approaches, whose stability relations as function of temperature and 
CO2 pressure are given in figures 5-13 and 5-14, respectively. In the following section, we 
will try to compile the available information regarding both approaches, and the arguments 
given by the investigators in order to support their chosen stability diagrams. 
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Figure 5-13. Solid-liquid phase diagram for the MgCO3-CO2-H2O system according to 
Langmuir (1965a). 
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Figure 5-14. Solid-liquid phase diagram for the MgCO3-CO2-H2O system according to 
Rossini et al. (1961). 
5.5.2.1 Langmuir’s (1965a) Approach
Langmuir (1965a) determined phase relationships based upon free energies of formation 
estimated from entropy. His first argument to support his study is the agreement with 
geological evidences. He assures the scarcity of magnesium carbonates under surface 
conditions may be well explained due to their great solubility (at 25°C and 1 atm, 
nesquehonite solubility is 24 times larger than calcite solubility). Solid phases that are 
considered metastable by Rossini’s et al. (1961) approach are present in several locations. 
Both lansfordite and nesquehonite are found in caves and coal mines where temperatures are 
low and CO2 pressures ten or more times greater than atmospheric. Nesquehonite has been 
found in Sounion, in the Lavrion mining district in Greece (Giester et al. 2000). Lansfordite 
appears in the hydromagnesite deposits of British Columbia (Langmuir, 1965a). Both 
nesquehonite and lansfordite are present in stalactites from an anthracite mine at 
Nesquehoning, USA (Genth, 1888, Genth and Penfield, 1890). The natural occurrences of 
these minerals have also been reported by Cesaro (1910), Poitevin (1924) and Fenoglio 
(1930, 1933, 1935, 1936). On the other hand, hydromagnesite occurrences have been listed 
by Palache et al. (1951) and by Alderman and Von der Borch (1961). The formation of 
magnesite is favoured at high ionic strength, high CO2 pressure and high temperature (larger 
than 60°C). These conditions are easier to achieve in evaporate deposits, where magnesite is 
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reported (Schaller and Henderson, 1932, Stewart, 1949). Also, this mineral is formed through 
the desiccation of hydromagnesite in warm or dry climates (Alderman and Von der Borch, 
1961, Graf et al., 1961, Kinsman, 1964). 
According to Langmuir (1965a), the synthesis of magnesite in aqueous solutions has only 
been achieved at temperatures above 50°C (Pfaff, 1894, D’Ans and Gloss, 1938, Schloemer, 
1952, Baron and Favre, 1958, Kazakov et al., 1959). Many times, as in the case of Pfaff 
(1894), such synthesis is carried out in high ionic strength solutions to favour it. Christ and 
Hostetler (1970) suggested that the ion Mg2+ has a highly hydrated nature, and hence it is 
relatively unreactive. Therefore, saline conditions (for which the activity of water will be 
lowered) should favour magnesite crystallization. However, in natural environments at 
surface temperatures, both nesquehonite and hydromagnesite will precipitate directly from 
solution, whereas it has not yet been definitively established that magnesite can form in this 
way (Hostetler, 1964). Even some investigators rejecting Langmuir’s (1965a) solubility 
diagram assure that magnesite is found generally associated with hyper saline environments 
(Sayles and Fyfe, 1973). 
In his paper, Langmuir (1965a) also lists the reasons why he thinks the stability relations
given by Rossini et al. (1961) are inaccurate. The Gibbs free energy value reported by 
Rossini et al. (1961) was largely based on a thermal decomposition study by Marc and Simek 
(1913). The latter authors based their calculations on a reaction which was not determined 
reversibly. The same technique was also used by other authors but the agreement among 
them is not good, and there is no agreement either when comparing the results to other 
different methods.  
The value reported by Rossini et al. (1961) is also supported by Harker and Tuttle (1955) and 
Stout and Robie (1963), but Langmuir (1965a) assures the experimental evidence is suspect 
in both studies because the possibility of complexing between magnesium ion and carbonate 
and bicarbonate has not been taken into account. 
Christ and Hostetler (1970) also rejected Langmuir’s (1965a) approach after performing 
solubility measurements at 90°C over different periods of time. The longest period of time 
was 163 days, but it is not clear whether or not the equilibrium was attained. From the data 
reported it can be seen that the pH is still not constant, and neither is the Mg2+ concentration 
(which changes from 0.160 after 140 days to 0.174 m after 163 days). Christ and Hostetler 
(1970) assure equilibrium was almost achieved after 4, 8 and 20 days (depending on the 
sample).  
The Gibbs free energy value for magnesite reported by Rossini et al. (1961) is very similar to 
that of calcite given by Langmuir (1964), with activity products for those minerals of 10-8.4
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and 10-8.1, respectively. Therefore, it would be expected a similar behaviour for both salts, but 
this is not the case. Magnesite is not formed in the oceans where 1.7102
3
2
??? ?? COMg aa  and 
9.7102
3
2
??? ?? COCa aa , although calcite forms easily under these conditions (Garrels and 
Thompson, 1962). Another large difference in the behaviour of both minerals is related to 
their hydrates. The hydrates of magnesium carbonate are formed in water below 100°C at 
CO2 pressures around 1 atm. On the other hand, the calcium carbonate does not form 
hydrates under the same conditions (Langmuir, 1964). Langmuir (1965a) rejects the kinetic 
argument in order to explain the disagreement between Rossini’s et al. (1961) solubility 
diagram and geological evidences. According to him, kinetic arguments should not be valid 
unless a reliable free energy value is determined, which does not seem to be the case. 
Langmuir’s (1965a) stability relations are accepted by many investigators, as Schott and 
Dandurand (1975), and Dandurand and Schott (1977), who established their diagram on the 
basis of enthalpy of formation. They recalculated the values correcting with more recent and 
precise free enthalpies of formation and entropies of oxides and ions in the solution, and 
included the variation of the entropy with temperature. According to the values obtained, 
magnesite, nesquehonite, lansfordite, hydromagnesite, artinite and brucite all have stability 
fields. 
Leitmeier (1915) studied magnesium carbonate solubility in pure water, and concluded 
lansfordite is the stable solid phase below 10°C, nesquehonite is the stable phase in the 
temperature range from 10 to 55-65°C, and hydromagnesite is obtained for higher 
temperatures. The same stability relations are found in solubility studies in the MgCO3-CO2-
H2O system performed by Dell and Weller (1959), Kazakov et al. (1959) and Yanat’eva and 
Rassonskaya (1961). 
Ponizovskii et al. (1960) obtained lansfordite as solid phase in their solubility measurements 
at 0°C and CO2 pressures varying from 2 to 10 atm. 
Ming and Franklin (1985) synthesized both lansfordite and nesquehonite from CO2-saturated 
Mg(HCO3)2 solutions by degassing with air. They concluded lansfordite is unstable when 
exposed to the atmosphere at temperatures larger than 10°C.  
López Gómez (1975) assures brucite is the solid phase in equilibrium with the MgCO3-CO2-
H2O solution up to a carbon dioxide pressure of 3.85·10
-4 atm. For higher CO2 partial 
pressures, the stable phase at 25°C is nesquehonite. 
Several investigators reported magnesite solubility (Engel, 1889, Leitmeier, 1915, Wells, 
1915b, Bär, 1932, Leick, 1932, Halla and Ritter, 1935, Yanat’eva, 1954, 1955a, 1955b, 
1957a, 1957b, Garrels et al., 1960, Morey, 1962, Stout and Robie, 1963, Halla and Van 
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Tassel, 1964, Christ and Hostetler, 1970, Levchenko et al., 1970, Kittrick and Peyrea, 1986). 
Most of them used natural magnesite as the starting solid phase, instead of a pure solid, and 
attained equilibrium only from undersaturation. There is a general discordance among these 
data, which could be explained as a consequence of the different impurities encountered in 
natural rocks. Also, the disagreement could suggest that equilibrium is not reached in some 
studies. This is the case of Wells (1915b), who measured concentrations over different 
periods of time, up to 60 days. It is obvious from those results that equilibrium was not 
attained, as a constant solubility value was not obtained. He compared his results to waters 
containing a high amount of magnesium and total carbonate, and concluded “either the waters 
are all supersaturated with respect to magnesite, or else the solubility found for magnesite had 
not yet reached its maximum value”. The same behaviour is observed in the experiments 
performed by Leick (1932). He obtained two different solid phases according to the time 
waited before the analysis. For the shorter periods, he did not report the formula of the solid, 
although we believe it is magnesite as he used this mineral as starting material, and the time 
was in all the cases shorter than 5 hours. For longer periods of time (from 16 to 48 hours) he 
reported a solid phase which did not contain any CO2 (brucite). From those results, it seems 
clear that magnesite is only obtained at the beginning, when the equilibrium is not attained, 
and a change to brucite is obtained afterwards. In the present work, only the data measured 
after the longest period of time will be used. 
In general, it is not very clear in the literature whether artinite becomes a stable phase, but in 
case it does, the field of stability should be at low temperatures, and between the fields of 
brucite and hydromagnesite. Baron and Wyart (1958) considered this mineral stable at lower 
temperatures than nesquehonite. Kazakov et al. (1959) found both artinite and brucite at 
20°C. Palache et al. (1951) found artinite deposits associated with hydromagnesite and 
brucite. The chemical formula used for this mineral by Palache et al.(1951), Langmuir 
(1965a), Robie and Hemingway (1972, 1973) and Königsberger et al. (1999) is 
Mg2(OH)2CO3·3H2O.
Langmuir’s (1965a) approach is also supported by the study performed by Chase (1998). The 
value reported by Chase (1998) is the one reported in the NIST Standard Reference Database 
Number 69.  
5.5.2.2 Rossini’s et al. (1961) Approach
Rossini’s et al. (1961) determination of the Gibbs free energy for magnesite is in very good 
agreement with the corresponding value determined by Robie and Waldbaum (1965). 
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According to these values, the only stable phases in the temperature range from 0 to 100°C 
are brucite (at low CO2 pressures) and magnesite. Many investigators follow the stability 
relations derived from Rossini’s et al. (1961) approach (Stout and Robie, 1963, Hostetler, 
1964, Robie, 1965, Christ and Hostetler, 1970, Sayles and Fyfe, 1973, Kittrick and Peyrea, 
1986, Robie and Hemingway, 1995, Königsberger et al., 1999, Giles, 2001). Nevertheless, 
the agreement on the Gibbs free energy value among all these sources is not always good. 
There is also a large disagreement with respect to the values of the free enthalpy of formation 
of magnesite found in literature. These enthalpy values are based on the determinations of 
solubility at room temperature performed by Leick (1932), Halla and Ritter (1935), 
Yanat’eva (1955b), Morey (1962), and Halla and Van Tassel (1964); or are derived from 
calorimetric studies by Robie and Waldbaum (1965) and Robie and Hemingway (1973), 
confirmed by the solubility measurements at 90°C performed by Christ and Hostetler (1970).  
Königsberger et al. (1999) modelled the system Na2CO3-MgCO3-CaCO3-H2O at low 
temperatures, and derived a value for the Gibbs free energy for magnesite which was very 
close to the one reported by Rossini’s et al. (1961) and Robie and Waldbaum (1965). 
Nevertheless, when these values are compared to the ones listed by Christ and Hostetler 
(1970) and Kittrick and Peyrea (1986), it is observed the latter are 2.5 and 4.5 kJ mol-1 more 
positive, respectively, than Königsberger’s et al. (1999) value.  
Giles (2001) assures magnesite is the only stable phase in a magnesium carbonate solution, 
from the eutectic point up to 25°C, and in the CO2 pressure range from 1·10
-4 to 1 atm. 
According to her, the stability order is magnesite > hydromagnesite > nesquehonite (for 
temperatures above 8.5°C) or lansfordite (for temperature lower than 8.5°C). Giles’s (2001) 
conclusions are in accordance with the calorimetric study on hydromagnesite by Robie and 
Hemingway (1972, 1973). These investigators concluded hydromagnesite is the stable phase, 
and not nesquehonite. This idea is also supported by additional studies (D’Ans and Gloss, 
1938, Latimer, 1952, Garrels et al., 1960) that assure nesquehonite is an unstable phase. The 
explanation they give to the fact that nesquehonite appears at certain conditions for large 
periods of time is that the transformation from nesquehonite to hydromagnesite may become 
kinetically possible only at high temperatures. According to Davies and Bubela (1973), 
hydromagnesite is more common in nature than nesquehonite, even though natural conditions 
of temperature would favour the precipitation of nesquehonite. They concluded nesquehonite 
transforms into hydromagnesite through an intermediate hydrate. Königsberger et al. (1999) 
also support the reasoning of nesquehonite being an unstable phase. They used a Gibbs free 
energy for this mineral 1 kJ mol-1 lower than the value reported by Robie and Hemingway 
(1972, 1973), and managed to reproduce very well hydromagnesite solubility in CO2-H2O
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and in 3 m NaClO4 and KHCO3 solutions. Their model does not predict that nesquehonite 
becomes more stable than hydromagnesite at 1 atm CO2 pressure.
According to Christ and Hostetler (1970), the natural occurrence of magnesite is much more 
common than nesquehonite or hydromagnesite. They claim that in the hydromagnesite 
deposits of the Kamloops, Atlin, and Cariboo districts of British Columbia, magnesite is 
forming at the expense of hydromagnesite. 
Additional data on magnesium carbonate stability and solubility are obviously needed, in 
order to throw some light into the rather complex matrix created for this system. The use of 
different techniques and newer approaches (note that most of the studies are around 30-40 
years old) could help to develop a clearer idea about the real stability relations and the 
solubility behaviour at different conditions of temperature, pressure and CO2 concentration. It 
is also important to mention that any condition introducing a possible source of error must be 
avoided. In that sense, natural minerals should not be used to perform experiments. Such 
minerals will always contain different amounts and kinds of impurities, which will obviously 
influence the solubility behaviour to some extent. It seems clear analyzing the sources 
mentioned before that the time required to attain equilibrium in the MgCO3-CO2-H2O system 
is very large. Therefore, experimental conditions favouring a shorter time should be 
encouraged (small particle size, agitation, etc.). 
In the present work we have chosen to follow Langmuir’s (1965a) stability relations, even 
though there is no clear evidence that this choice is more reliable. We do think the arguments 
given by Langmuir (1965a) and his followers are somehow stronger than Rossini’s et al. 
(1961). Moreover, the value given by the NIST Chemical Thermodynamics Database (1990) 
for the Gibbs free energy for magnesite is very close to Langmuir’s (1965a). This is the same 
source of standard thermodynamic data that was used for all other components in this work. 
Even if the approach by Rossini et al. (1961) is the correct one, it seems clear that kinetic 
impediments control the deposition/dissolution of magnesite. Thus, in the context of scale 
formation in oil and geothermal wells, it is more convenient to model the solubility of the 
different minerals likely to precipitate on the inner walls of pipes and equipment within a 
reasonable period of time. 
The NIST Chemical Thermodynamics Database (1990) did not report any value for the Gibbs 
free energy of lansfordite, nesquehonite, and brucite. Starting guesses for those values were 
calculated from the value reported for magnesite and for water as: 
)()()( 2
0
3
0
23
0 OHnGMgCOGOnHMgCOG fff ???                    (5-1) 
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These values were later fitted to experimental data. The same procedure was also used for the 
calculation of the standard state enthalpy and heat capacity. 
Contrary to the assumptions made for other carbonate minerals, the effect of magnesium 
carbonate on CO2 solubility cannot be neglected. The solubility of nesquehonite is rather 
large when compared to carbonates such as calcite, strontianite or witherite. Therefore, in 
order to determine the interaction parameters between Mg2+ and CO2/ ?23HCO /
?2
3CO  we were 
limited to the use of those sources reporting both the salt solubility and the CO2 concentration 
in the liquid phase. The references used, together with the ranges of temperature and pressure 
covered, and the number of experimental determinations carried out and used in the present 
work (in brackets), are given in table 5-10. Table 5-11 shows additional studies on the 
MgCO3-CO2-H2O system, where the amount of CO2 in the liquid phase is unknown.
Only a few sources dealing with lansfordite solubility were found in literature: Beckurts 
(1881), Merkel (1924), Ponizovskii and Vladimirova (1959), Ponizovskii et al. (1960), 
Yanat’eva and Rassonskaya (1961) and Corti et al. (1990a). All these sources used pure CO2
saturated with water vapour as the gas phase. 
Table 5-10
Experimental MgCO3-H2O and MgCO3-CO2-H2O SLVE experimental data sets used for 
parameter estimation (CO2 concentration in the liquid phase reported).
T(°C) P(atm) Number of data AAD (m) Reference 
0 1 1 (1) 1.2E-04 Gothe (1915) 
0/80 6/64 20 (0)  López Gómez (1975) 
12.1/16 1 17 (0)  Treadwell and Reuter (1898) 
12.5 1/6 8 (0)  Seyler and Lloyd (1917) 
20 1 12 (0)  Wells (1915b) 
20/39 1 27 (27) 2.9E-03 Leather and Sen (1914) 
20/158  45 (0)  Corti et al. (1990a) 
25 1 23 (23) 6.0E-03 Wattenberg and Timmermann (1937) 
25 6/21 6 (6) 1.3E-02 Mitchell (1923) 
25/290 200 12 (0)  Morey (1962) 
35/200 0.06/15.4 10 (8) 1.9E-05 Travers and Nouvel (1929) 
100 1 4 (1) 4.1E-06 Leick (1932) 
MAAD (m): 4.2E-03
Brucite solubility in pure water, freed of carbon dioxide, was determined by Gothe (1915), 
Travers and Nouvel (1929), Leick (1932) and Morey (1962). Brucite solubility in CO2-H2O
solutions was measured by Kline (1929) and Corti el al. (1990a.). The former used mixtures 
of air and carbon dioxide, in different proportions, as the gas phase. The latter author used 
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pure CO2 in the gas phase, previously saturated with MgCO3 solution. To obtain low carbon 
dioxide pressures (required for the stability of brucite) vacuum was used. 
Table 5-11
Experimental MgCO3-CO2-H2O SLVE experimental data sets where the CO2 concentration 
in the liquid phase is unknown.
T(°C) P(atm) Number of data Reference 
0 4 1   Ponizovskii and Vladimirova (1959) 
0 4/10 4 Ponizovskii et al. (1960) 
0/55 1 2  Yanat'eva (1955a) 
0/55 1 3  Yanat'eva (1957a) 
0/60 2/56 15  Haehnel (1924) 
0/90 1 18  Yanat'eva and Rassonskaya (1961) 
3.5/50 1/9 26 Engel (1889) 
5 1/6 6 Merkel (1924) 
10/40 1/5 7 Beckurts (1881) 
17 1 1 Bär (1932) 
20 1 1 Leitmeier (1915) 
21 1 1 Halla and Van Tassel (1964) 
25 1 23  Kline (1929) 
25 1 6  Kittrick and Peyrea (1986) 
25 1 1  Yanat'eva (1957b) 
25 1 2  Yanat'eva (1955b) 
25 1 1  Levchenko et al. (1970) 
25 1 1 Yanat'eva (1954) 
25 1 1 Halla and Ritter (1935) 
25 1 1 Garrels et al. (1960) 
25 1 1 Stout and Robie (1963) 
90 1 48  Christ and Hostetler (1970) 
Nesquehonite solubility in CO2-H2O solutions was determined by Beckurts (1881), Engel 
(1889), Treadwell and Reuter (1898), Leather and Sen (1914), Wells (1915b), Seyler and 
Lloyd (1917), Mitchell (1923), Haehnel (1924), Kline (1929), Bär (1932), Wattenberg and 
Timmermann (1937), Yanat'eva and Rassonskaya (1961), López Gómez (1975) and Corti et 
al. (1990a). Most of these sources used pure CO2 saturated with water vapour in the gas 
phase. Leather and Sen (1914) and Wells (1915b) used air, while Treadwell and Reuter 
(1898), Kline (1929) and Wattenberg and Timmermann (1937) used mixtures of air and CO2,
containing different amounts of the latter gas. 
Hydromagnesite solubility determinations under a pure CO2 gas phase were carried out by 
Engel (1889), Yanat'eva and Rassonskaya (1961) and Corti et al. (1990a). 
Literature on experimental determination of magnesite solubility in water and in CO2-H2O
solutions is mentioned in a previous paragraph of this chapter. Most of the sources cited 
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employed carbon dioxide saturated with water vapour in the gas phase. Christ and Hostetler 
(1970) also used mixtures of CO2 and N2 (same procedure as followed by Levchenko et al., 
1970), while Kittrick and Peyrea (1986) employed air. According to Langmuir (1965a), 
magnesite should not be stable for the majority of the experimental conditions employed by 
the sources studying the solubility of this mineral. Only experiments at temperatures above 
60°C and 1 atm carbon dioxide pressure may be concordant with the stability relations 
followed here. 
Some of the sources mentioned in table 5-10 did not explicitly report the solid phase obtained 
in their equilibrium measurements (Beckurts, 1881, Treadwell and Reuter, 1898, Leather and 
Sen, 1914 and Merkel, 1924). In those cases we assumed the solid phase is the stable one at 
the experimental temperature and CO2 pressure. 
Many of the data in table 5-10 were not used in the present work for parameter estimation as 
they included some kind of error: The reported solid phase at the experimental conditions is 
not stable according to Langmuir (1965a); the data disagree with the majority of the sources; 
etc.
Nesquehonite solubility in CO2-H2O solutions increases with the total CO2 amount. Such 
behaviour is followed by all the sources given in table 5-10, but for Treadwell and Reuter 
(1898), where for some solubility measurements at the highest carbon dioxide concentrations, 
constant nesquehonite solubility is observed for increasing CO2 amounts. As mentioned 
before for calcite, Treadwell and Reuter’s (1898) experiments were conducted under 
imperfect conditions, and supersaturation is to be expected (Leather and Sen, 1914). 
Travers and Nouvel (1929) determined brucite solubility in pure water. Two out of the ten 
measurements performed contained a very low amount of Mg(OH)2 which could not be 
determined by the analytical technique used. As a consequence, they reported zero as the 
solubility value. Those two points were therefore not used in the present work. 
Morey (1962) determined MgCO3 solubility in water freed of CO2 at 200 atm total pressure. 
After X-ray study, he concluded magnesite was the stable solid phase from 25 to 150°C, and 
this mineral was completely changed to brucite for temperatures higher than 150°C (and up to 
290°C). He also found some sepiolite crystals (Mg4Si6O15(OH)2·6H2O), which must appear 
due to the use of natural rock containing impurities. For some temperatures, Morey (1962) 
obtained mixtures of magnesite and brucite, and he claimed that magnesite would have been 
completely replaced by brucite if he had waited longer. Thus, maybe his data are affected by 
the fact that equilibrium was not attained, and magnesite did not have enough time to convert 
into brucite. This could explain the appearance of magnesite when the only stable phase in 
the absence of carbon dioxide in the solution is brucite. 
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As mentioned previously, it is believed that the measurements reported by Wells (1915b) do 
not correspond to equilibrium, and thus they were not used in the present work. Moreover, he 
measured the solubility of both magnesite and nesquehonite in water at the same conditions 
(20°C and 1 atm). Following Langmuir’s (1965a) approach, the first phase should not be 
stable at those conditions.
Seyler and Lloyd (1917) concluded “crystallized magnesium carbonate has no definite 
solubility in pure water. It decomposes into basic carbonates and magnesium hydrogen 
carbonate, whilst a certain amount of carbonate is also dissolved”. Under the same 
experimental conditions, they obtained different MgCO3 concentrations depending on the 
ratio of water to solid employed. When equilibrium is attained, a unique solubility value 
should be obtained independently of the initial amounts of solid and solvent used. Therefore, 
Seyler and Lloyd’s (1917) data were not used in the present work.
Corti et al. (1990a) report neither the partial pressure of carbon dioxide nor the total pressure 
used in the experiments. After analyzing the experimental procedure employed, it is clear 
they performed experiments with different CO2 quantities, which are sometimes achieved by 
removing carbon dioxide from the gas phase applying vacuum. But the vacuum pressure is 
unknown, and therefore the data could not be used. 
Wattenberg and Timmermann (1937) did not report the amount of carbon dioxide contained 
in the liquid phase, but they gave the values of the solution pH and the bicarbonate 
concentration. From those values, together with the equilibrium constant, the amount of CO2
was calculated following the same procedure as in the case of SrCO3, where the same source 
is also used. 
López Gómez (1975) presented in his paper several plots for the solubility in the ternary 
system MgO-CO2-H2O at various temperatures and carbon dioxide pressures. He also reports 
the CO2 solubility in saturated MgCO3 solutions at 25°C. He mentions he used data from 
different investigators to draw the solubility curves, but it is not clear which data are his and 
which are from other sources. He did not analyze the solid phase in equilibrium with the 
solution at the experimental conditions. When data from this source are compared to others 
(mainly to Mitchell (1923) at pressures larger than 1 atm, and to available sources in table 5-
10 at 25°C and atmospheric pressure) it is clear the solubility of both the salt and carbon 
dioxide is very much overestimated in that paper. 
The experimental and calculated MgCO3 solubility as a function of the CO2 concentration in 
the solution at 39°C and 1 atm total pressure is shown in figure 5-15. As expected from 
Langmuir’s (1965a) phase diagram at 39°C, only one solid phase, nesquehonite, is formed in 
the whole range of CO2 concentration presented. Nesquehonite solubility increases with the 
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amount of carbon dioxide, from 0.015 m MgCO3·3H2O at 0.007 m total CO2 to 0.08 m 
MgCO3·3H2O at 0.17 m total CO2. The calculated solubility compares very well with the 
experimental data. Due to the lack of data at the same conditions, it was impossible to 
calculate a reliable value for the average experimental standard deviation for nesquehonite. 
To get at least an idea about the order of magnitude of ASD, a determination was done 
considering the only two experimental points at very similar conditions (25°C, 0.52 m total 
CO2, and 13.2 atm total pressure; and 25°C, 0.54m total CO2 and 16.2 atm total pressure, 
respectively). The obtained ASD is 1.8·10-2 m MgCO3·3H2O. When such value is compared 
to the MAAD between our model calculations and the experimental data (4.2?10-3 m) it is clear 
extended UNIQUAC calculations are remarkably good. 
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Figure 5-15. Experimental and calculated MgCO3 solubility as a function of the CO2
concentration in solution, at 39°C and 1 atm total pressure. Gas phase formed by CO2 (g) and 
H2O (g). 
For the case of brucite, the same problem was encountered when trying to calculate the ASD.
If we follow the same procedure as before and use the only two experiments carried out at 
similar conditions (100°C, 7.2·10-5 m CO2, and 1 atm; and 100°C, 7.5·10
-5 m CO2, and 1 atm, 
respectively) the value obtained for the ASD is 4.3·10-6 m Mg(OH)2. For this salt, extended 
UNIQUAC calculations are less accurate than for nesquehonite, and the MAAD between the 
model and the data is 1.7·10-5 m Mg(OH)2.
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The binary phase diagram for the system MgCO3-H2O covering a temperature range from 
100 to 158°C, at the saturation pressure, is shown in figure 5-16. The only solid phase 
encountered at those conditions is brucite, its solubility decreases with increasing pressure.  
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Figure 5-16. Experimental and calculated solid-liquid phase diagram for the binary MgCO3-
H2O system at the saturation pressure. 
Once the parameters required for the system MgCO3-CO2-H2O were obtained on the basis of 
the VLSE experimental data reported in table 5-10, they can be used to perform some 
calculations for the data sets where the amount of carbon dioxide in the liquid phase is 
unknown (data reported in table 5-11). The solubility of CO2 in the MgCO3 solution at the 
experimental temperature and carbon dioxide pressure can be calculated by means of the new 
parameters. Once the amount of carbon dioxide is estimated, the experimental points could be 
added to the original VSLE database and refit the parameters based on a larger experimental 
study. Nevertheless, such improvement of the experimental MgCO3-CO2-H2O database and 
of the parameters was not possible, as the experimental determinations reported in table 5-11 
are also characterized by a tremendous lack of agreement. Many of them do not follow the 
stability field followed by Langmuir (1965a) and report magnesite as the only stable phase at 
temperatures and CO2 pressures where lansfordite or nesquehonite should form and be stable. 
That is the case for all the data reported by Leitmeier (1915), Bär (1932), Halla and Ritter 
(1935), Yanat'eva (1954, 1955a, 1955b, 1957a, 1957b), Garrels et al. (1960), Stout and Robie 
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(1963), Halla and Van Tassel (1964), Christ and Hostetler (1970), Levchenko et al. (1970), 
Kittrick and Peyrea (1986). Several authors agree on the fact that Kline’s (1929) work is not 
precise (Kazakov et al., 1959, Langmuir, 1965a, Harvie et al., 1984). The greatest shortness 
of his work is the extremely low aging period, which varied between 3 and 5 days. Therefore, 
it is very unlikely that the solutions Kline (1929) measured had achieved equilibrium. 
According to Kazakov et al. (1959), this could well explain some of the incongruences found 
in Kline’s (1929) work, as the formation of different solid phases under very similar 
conditions. Harvie et al. (1984) tried to fit Kline’s (1929) results, but they did not succeed, 
even though different attempts were done, including complexes such as ?3MgHCO . They 
realized in order to explain those data, it was needed to assume that enormous changes in the 
interactions occur over a very small concentration range. Kline (1929) was not congruent 
either when he determined the solubility product of nesquehonite based on a graphic 
extrapolation to infinite dilution, even though solubility measurements of that mineral cannot 
be extended below an ionic strength about 0.05 due to the formation of brucite (Langmuir, 
1965a).
The aging time measured by Engel (1889) (9 hours) is extremely low for the system 
considered and it is very unlikely that equilibrium was reached. In his paper he shows the 
amounts of HCl employed in the titration of different solutions at the same temperature and 
carbon dioxide pressure, according to the starting solid phase (magnesite or nesquehonite). 
The amounts of acid employed are completely different, proving that equilibrium was not 
attained, at least for one of the solutions.  
Some of the solid phases reported by Yanat’eva and Rassonskaya (1961) are not stable at the 
given conditions, according to Langmuir’s (1965a) stability diagram.  
Haehnel (1924) obtained the same solubility value for nesquehonite at 18°C and CO2
pressures changing from 18 to 56 atm, which makes his determinations rather suspect. In the 
experimental procedure followed, samples were taken at atmospheric pressure and analyzed 
afterwards. Decreasing the carbon dioxide partial pressure from a few atmospheres (up to 56 
atm) to room conditions will very likely result in erroneous solubility determinations, as part 
of the CO2 will evaporate from the liquid phase. 
Large discrepancies are found between the data reported by Beckurts (1881) and Merkel 
(1924). None of these datasets were taken from the original sources, but from Haehnel 
(1924), who did not mention the solid phase obtained. Thus, the differences could be due to 
different solids being involved in the equilibrium. When Beckurts’ (1881) data at 20°C are 
compared to those by Mitchell (1923) at 25°C, the agreement seems good. The experimental 
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CO2 pressure is larger for Mitchell (1923), but the tendencies followed by both sources are in 
good agreement. An additional problem of both sources is the choice of units to characterize 
the system. The solubility is expressed as weight percent of MgCO3 (the same unit as used by 
Ponizovskii and Vladimirova, 1959). As the total amount of CO2 is unknown, the exact 
composition of the solution is unknown. Therefore, calculations could only be approximate, 
assuming the percentage is referring only to the amount of water and salt, and excluding the 
CO2 (aq). Due to the lack of the original sources, the antiquity of the data, and the 
imprecision of at least one of the two datasets mentioned, those sources were not used for 
parameter estimation in the present work. 
5.6 MgCO3-CaCO3-CO2-H2O System 
The binary interaction parameter for the interaction between Ca2+ and Mg2+ has already been 
fitted to ternary data containing both calcium and magnesium together with chloride or 
nitrate. Thus, the analysis of dolomite (CaCO3·MgCO3) studies and the system CaCO3-
MgCO3-CO2-H2O is not necessary for the purpose of parameter estimation. Nonetheless, due 
to the complexity found for the ternary system MgCO3-CO2-H2O, it was considered relevant 
to study this system in detail. 
Similar to the magnesium carbonate system, the system CaCO3-MgCO3-CO2-H2O is also 
characterized by large experimental discrepancies regarding solubility values, stability 
relations, and values for the standard state Gibbs free energy and enthalpy. The experimental 
difficulties mentioned before for the MgCO3-CO2-H2O system are also found in the present 
case. Dolomite has not been successfully obtained in laboratory near room conditions 
because of an extremely slow kinetics (apparently, it requires geological times to precipitate 
this solid). Dolomite is present in many ancient sediments, while it does not appear in modern 
marine sediments (Kazakov et al., 1959). The only way to overcome this problem is to 
increase the velocity of the reaction enormously. This objective can be attained by increasing 
the concentration of CO2 in the solution by increasing the pressure. In fact, dolomite has been 
successfully crystallized under hydrothermal conditions in different solutions (Graf and 
Goldsmith, 1955, Rosenberg and Holland, 1964, Rosenberg et al., 1967, Sureau, 1974). Due 
to the impossibility to precipitate dolomite, the equilibrium at atmospheric conditions cannot 
be checked from supersaturation, and only undersaturation experiments have been carried 
out. All data thus contain the uncertainty whether or not equilibrium has been reached during 
the experiments. According to Hsu (1963), published values for the activity product of 
dolomite at 25°C and 1 atm vary from 10-17 to 10-20. Such disagreement may be caused by 
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different reasons. In the first place, as mentioned before, true thermodynamic equilibrium 
may not have been established for most of the available data. The use of natural dolomite in 
many of the experiments will also introduce an additional source of diversity in the results, as 
a consequence of the influence of the different impurities found together with 
CaCO3·MgCO3. The use of pure commercial solid is therefore encouraged, although the 
synthesis of dolomite in laboratory is not easy. 
One of the consequences of the disagreement found in literature for the systems MgCO3-
CO2-H2O and CaCO3-MgCO3-CO2-H2O is reflected in the calculated values for the standard 
state enthalpy of formation of dolomite. Two different approaches have been used to 
determine this value: calorimetric studies (Stout and Robie, 1963, Navrotsky and 
Capobianco, 1987), and determinations from solubility measurements (Yanat’eva, 1955b, 
Halla, 1958, Kramer, 1959, Garrels et al., 1960, Halla et al., 1962, Stout and Robie, 1963, 
Langmuir, 1965b, Dandurand and Schott, 1977, Robie and Hemingway, 1995, Königsberger 
et al., 1999). The values obtained differ from -2144.34 kJ mol-1 given by Dandurand and 
Schott (1977) to -2175.26 kJ mol-1 determined by Garrels et al. (1960).
Stout and Robie (1963) determined the standard state heat capacity and entropy of dolomite 
by calorimetric methods. They also calculated standard state enthalpies and Gibbs free 
energies from a thermodynamic analysis of dolomite decomposition data by Graf and 
Goldsmith (1955), and from solubility data of dolomite, magnesite and calcite in aqueous 
solutions saturated with CO2 at 1 atm pressure (Yanat’eva, 1954). The values obtained for the 
enthalpy change for the reaction
CaCO3 + MgCO3 ?  CaCO3·MgCO3                    (5-2)
at 25°C by the two analysis methods employed are very similar (-12.30 and -12.84 kJ mol-1,
respectively). These values compare relatively well with the one given by Navrotsky and 
Capobianco (1987). They determined the enthalpy of formation of dolomite by solution 
calorimetry at 85°C, obtaining an enthalpy change for reaction 5-2 of -11.48 kJ mol-1.
However, when they calculated the enthalpy of formation from data given by Robie et al. 
(1978), they obtained a rather different value (-3.76 kJ mol-1). Such value is closer to the 
calculations performed by Halla (1958) from solubility measurements at the two triple points 
(dolomite and calcite/magnesite in equilibrium with the saturated solution). Halla (1958) 
obtained a value of -3.97 kJ mol-1 when using the data reported by him (Halla, 1936), while 
this value changed to -5.27 kJ mol-1 for the data reported by Yanat’eva (1955b). 
Königsberger et al. (1999) calculated the Gibbs free energy of formation (-2172 kJ mol-1) and 
the enthalpy of formation (-2334.8 kJ mol-1) of dolomite from the solubility data of dolomite 
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in 3 m NaClO4 solutions at 25°C given by Riesen (1969). These values are consistent with 
those calculated by Stout and Robie (1963), resulting in enthalpy and Gibbs free energy 
changes for reaction 5-2 of -12.9 and -11.3 kJ mol-1, respectively.  
Robie and Hemingway  (1995) used considerably more positive values for the enthalpy and 
Gibbs free energy of formation of dolomite (-2324.5 and -2161.3 kJ mol-1, respectively). 
These values agree with the ones published in NIST Chemical Thermodynamics Database 
(1990): -2326.3 and -2163.4 kJ mol-1, respectively. Also, Langmuir (1965b) suggested the 
use of -2160 kJ mol-1 as the value for the Gibbs free energy of dolomite.  
Dandurand and Schott (1977) reported very positive values for both the standard state Gibbs 
free energy and enthalpy of dolomite. They determined the former value (-2144.34 kJ mol-1)
from Baron’s (1960) experiments on dolomite synthesis. If experimental data by Graf and 
Goldsmith (1956) are used instead, the value is -2147.06 kJ mol-1.
Tables 5-12 and 5-13 show a summary of the different Gibbs free energies and enthalpies of 
formation of dolomite found in literature. 
Table 5-12 
Values for enthalpy and Gibbs free energy of formation of dolomite found in literature. 
Reference Solubility Data ?fH0 (kJ mol-1) ?fG0(kJ mol-1)
Dandurand and Schott (1977) Baron (1960) -2144.3
Dandurand and Schott (1977) Graf and Goldsmith (1956) -2147.1
Langmuir (1965b) -2160.0
Kramer (1959) Kramer (1959) -2161.0
Robie and Hemingway (1995) -2324.5 -2161.3
NIST (1990) -2326.3 -2163.4
Königsberger et al. (1999) Riesen (1969) -2334.8 -2172.0
Garrels et al. (1960) -2175.3
Table 5-13 
Values for the change of standard state enthalpy and Gibbs free energy of reaction 5-2 found 
in literature. 
Reference Data ?rH0 (kJ mol-1) ?rG0 (kJ mol-1)
Stout and Robie (1963) Graf and Goldsmith (1955) -12.30 -11.30
Stout and Robie (1963) Yanat'eva (1954) -12.84 
Halla (1959) Halla (1936) -3.97 -2.97
Halla (1959) Yanat'eva (1955) -5.27 -4.26
Navrotsky (1987) calorimetry -11.48 
Navrotsky (1987) Robie et al. (1978) -3.76 
The diversity of standard state Gibbs free energy and enthalpy values shown in table 5-12, 
together with the diversity also found for the system MgCO3-CO2-H2O, results in completely 
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different solubility diagrams for the system CaCO3-MgCO3-CO2-H2O (Bär, 1932, Halla and 
Ritter, 1935, Yanat’eva, 1949, 1952, 1955b, 1957a, Baron and Favre, 1958, Kazakov et al., 
1959, Berg and Borisova, 1960a, Garrels et al., 1960, Yanat’eva and Rassonskaya, 1961, 
Yanat’eva et al., 1961, Lippmann, 1980). Little knowledge is available about the 
dolomitization process and the intermediate phases presented in it. Many authors (Rosenberg 
and Holland, 1964, Berner, 1967, Bischoff, 1968, Katz, 1971, Plummer and Mackenzie, 
1974) support that the solid phase precipitating in the CaCO3-MgCO3-CO2-H2O system and 
the time required to achieve equilibrium is determined by the activity ratio between calcium 
and magnesium in the solution. 
Yanat’eva (1949, 1952, 1955b, 1957a) obtained calcite, dolomite and magnesite as the solid 
phases in equilibrium with the solution at 0, 25, 55 and 70°C, and CO2 pressures of 0.0012 
and 1 atm. The appearance of one or another salt (or the triple points) depends on the 
amounts of Mg2+ and Ca2+ in the solution. This approach is also followed by Bär (1932) at 
17°C, by Halla and Ritter (1935) at 25-40°C, by Lippmann (1980) at 25°C, and by Garrels et 
al. (1960) at 25°C, all the studies at 1 atm of CO2 pressure. For the latter investigators, 
hydromagnesite becomes a stable phase with respect to magnesite and dolomite only at very 
low carbon dioxide pressures, much lower than the earth surface conditions. Kramer (1959) 
and Garrels et al. (1960) claim that dolomite is stable in sea water at 25°C. Dolomite even 
forms when calcite is present in sea water since a smaller carbonate ion concentration is 
required for dolomite saturation, when comparing to calcite. The reason why calcite is 
observed instead of dolomite in recent marine sediments is due to the slow rate at which 
dolomite is formed. 
On the other hand, Yanat’eva and Rassonskaya (1961) and Yanat’eva et al. (1961) obtained 
as solid phases calcium carbonate and the hydrated magnesium carbonates 
4MgCO3·Mg(OH)2·4H2O, MgCO3·3H2O and MgCO3·5H2O, depending on the temperature. A 
very similar result is obtained by Baron and Favre (1958) at a partial CO2 pressure of 0.001 
atm. The solid phases in equilibrium with the solution are calcite and nesquehonite at 25 and 
40°C, aragonite, nesquehonite and hydromagnesite at 70°C, and aragonite and 
hydromagnesite at 100°C. 
Yanat’eva and Rassonskaya (1961) used a mixture of aragonite and nesquehonite as starting 
solids for the study of the quaternary system CaCO3-MgCO3-CO2-H2O. They obtained 
isotherms with two branches, corresponding to the crystallization of the pure salts (CaCO3
and MgCO3?5H2O at 0°C, CaCO3 and MgCO3?3H2O at 20 and 40°C, and CaCO3 and 
4MgCO3?Mg(OH)2?4H2O at 55, 70 and 90°C). Nevertheless, the isotherms obtained at 0°C 
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were depending on the order of mixing of the initial salts. When nesquehonite was introduced 
all at once, the eutectic solutions contained 330.4 mmoles Mg(HCO3)2 and 0.55 mmoles 
Ca(HCO3)2 per kg of solution. Those quantities increased to 396 mmoles of Mg(HCO3)2 and 
2.76 mmoles of Ca(HCO3)2 per kg of solution when nesquehonite was introduced in two or 
three portions at 4-5 minutes intervals. The solid phases obtained in both cases were also 
different. In the first case aragonite and nesquehonite were found, while in the second case 
the trihydrate was substituted by lansfordite. The explanation of the different solubility 
behaviour under equal temperature and CO2 pressure conditions must be explained as 
metastable equilibrium, at least for one of the two solutions.  
Berg and Borisova (1960a, 1960b) tried to avoid the problem reported by Yanat’eva and 
Rassonskaya (1961) and placed the initial solid phases (calcite and magnesite) 
simultaneously in the reaction vessel. After equilibrium, the common crystallization point 
was obtained. They also performed one experiment where magnesite was substituted by 
nesquehonite, obtaining rather different amounts of calcium and magnesium carbonates in the 
solution, and obtaining in that case calcite and nesquehonite as solid phases. Such behaviour 
manifests, again, that equilibrium was not attained. 
According to Bär (1932), Halla and Ritter (1935) and Yanat’eva (1949, 1952, 1955b, 1957a), 
the points obtained by Berg and Borisova (1960a, 1960b), Yanat’eva and Rassonskaya (1961) 
and Yanat’eva et al. (1961) fall within the region representing supersaturation with respect to 
dolomite. Therefore, the absence of dolomite indicates a condition of metastable equilibrium. 
Such condition, however, proved very persistent and no notable changes were observed 
during a year, even when some dolomite was introduced in the reaction vessel. 
Kazakov et al. (1959) slowly mixed solutions of calcium and magnesium bicarbonate while 
aerating with atmospheric air. In all the experiments performed covering temperatures from 
20 to 60°C, the bottom phases were either calcite and nesquehonite or calcite and 
hydromagnesite, depending on the CO2 concentration in the solution. However, at 150°C, and 
using a much higher CO2 pressure than in the previous measurements, the phase precipitating 
from solution was dolomite. Kazakov et al. (1959) concluded dolomite is not formed in open 
systems where the partial pressure of carbon dioxide is similar to that of normal atmospheric 
air, but it is easily developed in a closed system at an elevated partial pressure of CO2.
Unfortunately, Kazakov et al. (1959) did not report either the total pressure or the partial 
pressure of carbon dioxide for their experiments in closed systems. 
Other investigators support the coexistence of dolomite and magnesium calcites (CaxMg(1-
x)CO3) as stable solid phases for the system CaCO3-MgCO3-CO2-H2O. Graf and Goldsmith 
(1955) investigated the transformation of metastable magnesian calcites into dolomite at 
Chapter 5:                                                                                                                  Carbonate Scaling Minerals 
Measurement and Modelling of Scaling Minerals 128
temperatures above 500°C. Lower temperatures were not included in the study due to the 
extremely slow process. They concluded that magnesium calcite of 15 mol% MgCO3 and 
dolomite are the stable phases in the MgCO3-CaCO3-CO2-H2O system at 700°C. Bertram et 
al. (1991) focused on the solubility of magnesian calcites at low temperatures. They 
concluded at 50°C dolomite and calcite low in magnesium are the stable phases, a fact that is 
also observed petrographically. The higher the temperature, the more enriched in magnesium 
the calcite stable phase. Due to the lack of experimental data the composition of stable 
magnesian calcites is not known.  
In order to be consistent with the approach chosen to explain the stability relations in the 
MgCO3-CO2-H2O system, the values given by the NIST Chemical Thermodynamics 
Database (1990) for both the Gibbs free energy and enthalpy of formation of dolomite are 
chosen in the present work. Also, the standard state heat capacity is reported by the NIST 
Chemical Thermodynamics Database (1990). These values agree with Langmuir (1965b), 
whose phase diagrams for the magnesium and calcium carbonate are followed in this work.  
Table 5-14 shows all the publications found for the system CaCO3-MgCO3-CO2-H2O, the 
ranges of temperature and pressure covered by them and the number of data points reported 
by each publication. Only a few sources (some of the measurements by Leather and Sen, 
1914, Mitchell, 1923 and Kazakov et al., 1959) reported the amount of CO2 contained in the 
CaCO3-MgCO3 solution.  
Table 5-14
Experimental MgCO3-CaCO3-CO2-H2O SLE experimental data sets. 
T(°C) P(atm) Number of data Reference 
0/55 1 6 Yanat'eva (1955b) 
0/90 1 41 Yanat'eva and Rassonskaya (1961) 
17 1 2 Bär (1932) 
20/150 1/15 12 Kazakov et al. (1959) 
22 1 2 Dandurand and Schott (1977) 
22/31 1 141 Hsu (1963) 
25 1 3 Yanat'eva (1957a) 
25 1/16 7 Mitchell (1923) 
25 1 4 Yanat'eva (1952) 
25 1 2 Berg and Borisova (1960a) 
25 1 2 Berg and Borisova (1960b) 
25/38.8 1 13 Halla and Ritter (1935) 
25/340 200 11 Morey (1962) 
30/33 1 40 Leather and Sen (1914) 
70 1 3 Yanat'eva (1960) 
100 1 4 Leick (1932) 
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Additional sources dealing with the system CaCO3-MgCO3-CO2-H2O but not reported in 
table 5-14 are Yanat'eva 1955a, 1957b, Yanat’eva and Danilova, 1956, Yanat'eva et al., 1961. 
They are not included in table 5-14 as the data presented in those papers refer to data that 
were published previously by the same authors.  
Most of the references used CO2 saturated with water vapour in the gas phase (Mitchell, 
1923, Bär, 1932, Halla and Ritter, 1935, Yanat'eva, 1952, 1955b, 1960, Berg and Borisova 
1960a, 1960b, Yanat'eva and Rassonskaya, 1961). Some investigators employed air instead 
(Kazakov et al., 1959, Dandurand and Schott, 1977) or mixtures of CO2 and air in different 
proportions (Leather and Sen, 1914, Mitchell, 1923). Finally, some of the experiments are 
performed using water freed of CO2 and with no gas phase over the solution (Leick, 1932, 
Morey, 1962). 
A deep analysis to the data presented in table 5-14 will be done in the next paragraphs, as 
many of the sources are considered unreliable. 
Mitchell (1923) performed three measurements in solutions containing both calcite and 
nesquehonite, using pure CO2 in the gas phase. For the lowest pressure, the solid phase could 
not be successfully determined, while dolomite was obtained in the other two measurements. 
He also performed three additional measurements using natural calcite from Algeria, and 
mixtures of air and CO2 in the gas phase covering partial pressures of carbon dioxide from 
0.25 to 1 atm. He concluded the solutions were supersaturated with respect to dolomite due to 
an extremely low rate of precipitation.  
Leather and Sen (1914) tried to attain equilibrium in the CaCO3-MgCO3-CO2-H2O system 
following two different directions: By precipitation of dolomite from supersaturated solutions 
of calcium and magnesium bicarbonate, and by dissolution of natural dolomite. For the first 
data set, the authors claim that the amount of magnesium carbonate in solution is much larger 
than expected. This fact could be explained as a supersaturated solution due to the low time 
allowed for equilibration (seven days). Due to this short time, Leather and Sen (1914) state 
“it is improbable that in any of the experiments a state of equilibrium had set in”. In the 
second data set, a larger time of contact between the different phases was allowed (up to 250 
days) for three of the experiments, although the rest of the measurements were performed 
after 8 to 13 days. This time is too short for equilibrium to be attained. In addition to that, the 
dolomite employed contained some impurities as iron oxide, insoluble silicates and sand, and 
Leather and Sen (1914) did not use any device to keep a constant temperature during the 
experiments. They confined the experimental setup in a room whose temperature was 
constant within ± 1°C. Nevertheless, a more precise control of temperature is recommended. 
Some of the experiments were carried out adding a second solid phase (nesquehonite or 
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calcite) to the solution to analyze its influence on the solubility behaviour. After plotting the 
data it can be clearly concluded that true equilibrium was not attained.  
Morey (1962) used natural dolomite from Maryland. From 25 to 209°C the X-ray analysis of 
the solid phase shows it to be dolomite, while from 209 to 304°C the solid phase changes to 
calcite and brucite. As the water employed in the experiments was previously freed of CO2,
and there was no gas phase over the solution, brucite should be the solid phase encountered in 
all the experiments according to Langmuir (1965a).  
Hsu (1963) determined the solubility and solubility product of dolomite based on shallow 
ground-water samples from an aquifer in central Florida formed by dolomitic limestone. The 
main constituents of these waters are calcium, magnesium and bicarbonate, although different 
amounts of additional constituents are also present. The author assumed the waters had 
reached equilibrium with respect to dolomite as a consequence of the large contact period 
between the waters and the rocks (the rate of ground water flow is very slow). Moreover, the 
ratio between magnesium and calcium concentrations was kept rather constant, suggesting 
the attainment of calcite-dolomite-solution equilibrium. Nevertheless, the solubility may be 
influenced by the rest of the species in solution. The amount of total dissolved solids in some 
cases cannot be neglected (values up to 3560 ppm). Another source of error is the 
inconstancy of temperature, which varies from 22 to 31°C during the measurements. The 
author reports the amount of bicarbonate in solution and the pH, but he claims those values 
“are usually quite inaccurate because of the tendency of bicarbonate in solution to equilibrate 
with the atmospheric CO2”.
Many of the sources reported in table 5-14 follow stability relations that are in disagreement 
with the approach followed in the present paper. This is the case of Bär (1932), Halla and 
Ritter (1935) and Yanat'eva (1952, 1955b, 1957a, 1960).  
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5.7 Parameters 
Table 5-15 
Extended UNIQUAC r and q parameters, fitted to experimental data 
r q
H2O 0.92 1.40
CO2 (aq) 0.75 2.45
Na+ 1.40 1.20
H+ 0.14 0.1·10-15
Ba2+ 15.67 14.48
Ca2+ 3.87 1.48
Sr2+ 7.14 12.89
Mg2+ 5.41 2.54
OH- 9.40 8.88
Cl- 10.39 10.20
SO4
2- 12.79 12.44
CO3
2- 10.83 10.77
HCO3
- 8.08 8.68
Table 5-16 
00
kiik uu ? parameters for calculating extended UNIQUAC interaction energy parameters
( )15.298(0 ??? Tuuu tikikik )
H2O CO2 (aq) H
+ Na+ Ca2+ Ba2+ Sr2+ Mg2+ OH- Cl- SO4
2- CO3
2- HCO3
-
H2O 0
CO2 (aq) 8.838254 302.248
H+ 1×104 1010 0
Na+ 733.2863 172.392 10
10
0
Ca2+ 496.3523 2839.83 10
10
-100 0
Ba2+ -0.37858 2500 10
10
779.06 2989.759 0
Sr2+ 543.1096 -100.74 10
10
-103.9 -402.783 2500 0
Mg2+ -2.04282 -581.18 10
10
-70.96 155.2324 628.5288 -400.581 0
OH- 600.4952 2500 10
10
1398.1 164.6378 2500 2500 736.423 1562.9
Cl- 1523.393 1613.01 10
10
1443.2 1805.59 1403.17 1895.877 2049 1895.5 2214.8
SO4
2- 752.8792 1942.4 10
10
845.14 1258.103 2500 2500 1407.21 1225.7 2036.1 1265.83
CO3
2- 361.3877 2500 10
10
547.95 -769.706 2500 2500 100 1588 2724.9 1216.76 1458.344
HCO3
- 577.0502 526.305 10
10
1101.9 2881.408 2500 2500 100 2500 1736.6 990.48 800.0081 771.038
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Table 5-17 
t
ki
t
ik uu ? parameters for calculating extended UNIQUAC interaction energy parameters
( )15.298(0 ??? Tuuu tikikik )
H2O CO2 (aq) H
+ Na+ Ca2+ Ba2+ Sr2+ Mg2+ OH- Cl- SO4
2-
CO3
2- HCO3
-
H2O 0
CO2 (aq) 0.86293 0.35871
H+ 0 0 0
Na+ 0.48719 -0.4363 0 0
Ca2+ -8.0654 10.876 0 -4.656 0
Ba2+ 0.58244 0 0 2.338 72.084 0
Sr2+ 1.2742 0 0 -0.62 -4.2533 0 0
Mg2+ -3.5542 -2.855 0 1.3394 5.1921 0 -1.437 0
OH- 8.5455 0 0 20.278 3.6084 0 0 0 5.6169
Cl- 14.631 15.015 0 15.635 11.14 14.89 15.689 12.132 13.628 14.436
SO4
2- 9.4905 4.7896 0 11.681 50.446 0 10 2.2791 8.5902 12.407 8.3194
CO3
2- 3.3516 0 0 3.782 -22.727 0 0 1 2.7496 5.7267 7.0067 -1.3448
HCO3
- -0.38795 -3.7342 0 1.829 35.213 0 0 1 0 14.035 6.9646 1.7241 -0.0198
Table 5-18 
? and ? parameters for calculating the solubility product pressure dependency 
?? ??
BaSO4 1.636629×10
-3 3.333826×10-7
SrSO4 1.035686×10
-3 7.153236×10-7
CaSO4 2.328718×10
-3 _ 8.421355×10-7
CaSO4×2H2O 1.078224×10
-3 3.078141×10-7
NaCl 9.927134×10-5 _1.358719×10-8
CaCO3
_3.916945×10-3 _2.092925×10-5
Table 5-19 
Thermodynamic properties and related parameters. Bold numbers are taken from the NIST 
Chemical Thermodynamics Database (1990). The rest of the values were fitted to 
experimental data. 
? r G f
0 (kJ mol-1) ? r H f
0 (kJ mol-1) C p1  (J mol
-1K-1) C p2 (J mol
-1K-2) C p3 (J mol
-1K-2)
CO2 (aq) -385.98 -413.8 243 0 0
CaCO3 -1129.057 -1208.726 81.88 0 0
Mg(OH)2 -833.51 -921.1407 77.03 0 0
Na2SO4 -1270.16 -1387.08 128.2 0 0
NaCl ????????? -411.9584 45.13074 0 0
MgCO3 -1012.1 -1095.8 75.52 0 0
MgCO3·3H2O -1723.487 -1953.29 301.4968 0 0
MgCO3·5H2O -2197.745 -2524.95 367.367 0 0
3MgCO3·Mg(OH)2·3H2O -4602.818 -5069.43 478.6986 0 0
BaCO3 -1136.054 -1222.907 85.5 0 0
SrCO3 -1139.745 -1227.633 1259.146863 -2.827237 -21149.44
CaCO3·MgCO3 -2140.89 -2302.72 157.4 0 0
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6. Sodium Chloride 
This chapter will analyze the performance of extended UNIQUAC for the system NaCl-
H2O at high pressure. This work has been submitted for publication as part of the paper 
titled “Prediction of mineral scale formation in geothermal and oilfield operations using the 
extended UNIQUAC model. Part II. Carbonate scaling minerals” in Geothermics (authors: 
Ada Villafáfila García, Kaj Thomsen and Erling H. Stenby). 
6.1 NaCl-H2O System 
The volume and surface area parameters for Na+ and Cl-, together with all the binary 
interaction parameters required for the binary system NaCl-H2O were reported in a previous 
paper (Thomsen and Rasmussen, 1999). Only the pressure parameters ? and ? for NaCl 
need therefore to be estimated on the basis of SLE data at high pressures. Values for these 
parameters are given in tables 5-15 to 5-18 in Chapter 5. The values for the standard state 
Gibbs free energy, enthalpy, and heat capacity for NaCl are reported in table 5-19. 
The few studies found on the solubility of sodium chloride in pure water at pressures larger 
than the atmospheric pressure are reported in table 6-1. The experimental conditions and the 
number of measurements carried out and used in the present work (in brackets) are also 
given.
Table 6-1
Experimental NaCl-H2O SLE data sets used for parameter estimation.  
T (°C) P (bar) Number of data AAD (m) Reference 
0/30 1/40 14 (14) 2.2E-02 Moeller (1862) 
24 1/1500 10 (8) 6.6E-03 Cohen et al. (1911) 
25 1/735.5 7 (7) 1.3E-02 Sill (1916) 
30 1/1911 14 (6) 7.2E-03 Adams and Hall (1931) 
75/300 1/57.5 9 (9) 5.1E-01 Liu and Lindsay (1972) 
101.9/168.3 1/5.3 2 (2) 1.1E-01 Eddy and Menzies (1940) 
150/350 3.5/137.7 8 (7) 4.4E-01 Schroeder et al.(1935) 
183/646.2 7.3/405.8 18 (0)  Keevil (1942) 
MAAD (m): 1.6E-01
Cohen et al. (1911) withdrew samples for analysis after reducing the experimental pressure, 
a procedure which can lead to solid deposition and can cause erroneous measurements. Sill 
(1916) realized this problem and developed a new pressure bomb to avoid it. The agreement 
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between both sources is very good, which seems to prove the results from Cohen et al. 
(1911) were not affected by solid deposition prior to solubility analysis. 
Liu and Lindsay (1972) compared their results with those by Keevil (1942) and Seidell1
(1965), and assured the agreement among the different sources is very good. They chose for 
comparison a plot of the solubility expressed as log(molality) versus temperature. When the 
plot units are changed to molality instead, it can be clearly observed that there is a large 
disagreement between Keevil (1942) and Liu and Lindsay (1972), with solubility 
differences as large as 1.75 m NaCl around 250°C.  Keevil (1942) also disagrees with the 
data by Schroeder et al. (1935), and it can be concluded that Keevil’s (1942) solubility 
measurements are considerably lower than the main tendency followed by the other sources 
reported in table 6-1. Keevil (1942) determined the vapour pressure of sodium chloride 
solutions at high temperatures. According to him, the experimental method used afforded an 
approximate measure of the solubility, useful in confirming the solubility curves at high 
temperatures. But it may be possible that the accuracy is not high enough to use those 
solubility data for parameter estimation.  
Schroeder et al. (1935) reported both experimental temperature and NaCl solubility, but 
they did not mention the experimental pressure (which was the saturation pressure of the 
solution). In order to use these data, the total pressure was calculated from: 
sat
wwPaP ?                  (6-1)
where satwP is the saturation pressure for pure water at temperature T. The water activity was 
calculated according to the NaCl model presented by Archer (1992). The saturation pressure 
of water was calculated by the NIST/ASME steam properties formulation for general and 
scientific use (Harvey et al., 1996). 
Some sources (Cohen et al., 1911, Adams and Hall, 1931 and Schroeder et al., 1935) 
determined sodium chloride solubility in pure water at temperatures or pressures above the 
range of interest in the present paper. That explains why the number of points used for 
parameter estimation is in many cases lower than the number of points reported. 
The results obtained for the system NaCl-H2O at high pressure can be divided into two 
different groups: up to 150°C, and from 150 to 300°C. For the first data set, the results 
obtained are very satisfactory, with a mean average absolute deviation between extended 
UNIQUAC calculations and the experimental data (1.5·10-3 m) lower than the average 
1 Seidell (1965) did not perform any experiment himself, but compiled data from Cohen et al. (1911), Sill 
(1916), and Adams and Hall (1931). 
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experimental standard deviation (7.6·10-3 m). Therefore, we can conclude that the 
calculations for the temperature range 0-150°C are within experimental accuracy.  
Figure 6-1, the solubility diagram for the binary NaCl-H2O system at 30°C, shows such 
good accuracy. Even though only experimental data up to 1000 bar were used for parameter 
estimation (higher pressures are difficult to find in geothermal and oil wells), figure 6-1 
shows data up to 2000 bar. The prediction done by the extended UNIQUAC model for so 
large pressures is very good. Therefore, it can be concluded that although the parameters are 
estimated from data up to 1000 bar, the range of applicability is not limited to that pressure. 
The predictions performed by the extended UNIQUAC model in the pressure range from 
1000 to around 2000 bar are within the experimental accuracy. The mean average absolute 
deviation between our calculations and the experimental data (8 points reported by Adams 
and Hall, 1931; and 2 points reported by Cohen et al., 1911) is 2.2·10-3 m NaCl, well below 
the ASD of  7.6·10-3 m.  
Figure 6-1 also shows that the influence of pressure on sodium chloride solubility is not 
strong, as it only increases from 6.17 m NaCl at 1 bar to 6.45 m NaCl at 2000 bar. About 16 
gram of salt will therefore precipitate from each kilo of water saturated with NaCl at 2000 
bar if the pressure is reduced to atmospheric pressure. 
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Figure 6-1. Experimental and calculated solid-liquid phase diagram for the NaCl-H2O
system at 30°C 
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The good agreement between the model and the experimental data from the first data set is 
not found for the second data set, which covers the temperature range from 150 to 300°C. 
The MAAD between the extended UNIQUAC calculations and the experimental data at high 
temperatures is 5.3·10-1 m, which is larger than the ASD. There are only three sources 
covering that range of temperatures (Schroeder et al., 1935, Eddy and Menzies, 1940 and 
Liu and Lindsay, 1972). Schroeder et al. (1935) and Liu and Lindsay (1972) report 
solubility values quite close at similar T and P conditions. The latter investigators did not 
measure the solubility experimentally. Instead, they used an indirect method to obtain, from 
vapour pressure data, values for both the osmotic coefficient and concentration of saturated 
solutions. Liu and Lindsay (1972) claim that their method gives considerable precision. The 
lack of additional information on the system at high temperatures makes it difficult to 
determine the reliability of both datasets.  
The AAD for each one of the sources used for the NaCl-H2O system is shown in table 6-1. 
The ASD found for the experimental data at pressures higher than 1 atm is 7.6·10-2 m NaCl, 
while the ASD for data at atmospheric pressure was calculated to be 5.3·10-2 m. According 
to the International Critical Tables (1928), the solubility of sodium chloride in water is 
estimated experimentally with an accuracy of 0.2% (3.4·10-2 m) below 55°C and 1 atm, and 
of 0.5% (8.6·10-2 m) in the range 60 to 110°C. Above this temperature the accuracy is 
unknown (Eddy and Menzies, 1940). It is likely that the standard deviation at pressures 
higher than 1 atm is larger than those values, as the experimental conditions imply a higher 
difficulty. For all the sources in table 6-1 the AAD is lower than the ASD, except for 
Schroeder et al. (1935), Eddy and Menzies (1940) and Liu and Lindsay (1972), which 
happen to be the sources reporting experimental data at the highest temperatures.  
The results obtained by the extended UNIQUAC model at atmospheric pressure and 
temperatures up to 110°C, and the sources at those conditions, are not mentioned here due 
to space considerations. Nevertheless, all the calculations performed at atmospheric 
pressure are within experimental accuracy. The mean average absolute deviation between 
extended UNIQUAC calculations and the experimental data for all the sources employing 
atmospheric pressures is 4.6·10-2 m NaCl, while the average standard deviation for those 
experimental data is higher (5.3·10-2 m). 
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7. Prediction of Scaling Minerals Solubilities in Natural Waters: 
Validation of the Model 
The ability of the model to simulate within experimental accuracy the solubility behaviour 
of scaling minerals in binary, ternary and quaternary systems, from -20 to 300ºC, and up to 
1000 bar, has been demonstrated in Chapters 4 to 6. In this chapter, the model will be 
validated by comparing our predictions to independent real natural waters data that were not 
used during the parameterization process. The brine compositions and observed scale 
occurrences were collected from published data (Mitchell et al., 1980, Jacques and 
Bourland, 1983, Yuan and Todd, 1991, Yuan et al., 1993). 
The solid-liquid, vapour-liquid and speciation equilibria calculations explained in Chapter 3 
have been implemented into SPECS (Separation and Phase Equilibrium Calculations). The 
program has been developed at IVC-SEP and is provided with a friendly user interface 
which allows the user to perform a great variety of tasks, including several equations of 
states and excess models, and a wide database of 100 components (http://www.ivc-
sep.kt.dtu.dk/research/specs.htm). For electrolyte systems, the user can select up to 8 
different ions among the species H2O, CO2(aq), Na
+, K+, Mg2+, Ca2+, NH4
+, Ba2+, H+, Cu2+,
Ni2+, Sr2+, Fe2+, Zn2+, Mn2+, Co2+, Cl-, SO4
2-, NO3
-, OH-, CO3
2-, HCO3
-, SO3
-, HSO3
-, and 
S2O5
2-. Two different tasks are available: Calculation of binary, ternary and quaternary 
phase diagrams at constant pressure, and scale predictions for a given composition, 
temperature and pressure. In the latter case, the output file reports the solubility indices of 
the different salts forming the feed stream, and the precipitating minerals at equilibrium. 
The maximum amount of solid phase(s) precipitating is also reported. As a scaling 
prediction model, SPECS is useful to determine whether scale may occur at certain 
locations within the reservoir, and the maximum amount of precipitation to be expected. 
The model cannot directly predict the scaling rate, but it may be also useful in that sense as 
it determines the degree of supersaturation. SPECS determines the solid phase(s) 
precipitating at thermodynamic equilibrium. Whether that(those) phase(s) precipitate in 
reality or not is also determined by many other factors as kinetics. Therefore, it may be 
possible that any other salts which is supersaturated in the feed stream precipitates instead 
of that found at thermodynamic equilibrium. 
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7.1 Validation of the Model 
Jacques and Bourland (1983) predicted celestite scaling tendency in three brines from the 
same field using an empirical equation developed from their own solubility measurements. 
Yuan and Todd (1991) also tested the scaling tendency in those waters using the model they 
developed for barium, strontium, and calcium sulphates based on Pitzer’s framework. The 
results obtained by Jacques and Bourland (1983) and Yuan and Todd (1991), together with 
the results obtained by us, are reported in table 7-1. The chemical analyses of the waters and 
field observations regarding scale are also reported in table 7-1. In order to keep electrical 
neutrality in the solution, the amounts of Cl- reported by Jacques and Bourland (1983) were 
slightly increased to 85910.7, 76517.9 and 84308.4 mg·L-1 for brines A, B and C, 
respectively. It was assumed that the density of the brines was comparable to that of water 
at the same temperature and pressure. Brine A corresponds to a well that had borderline 
SrSO4 scaling tendency. Brine B was from a well that had SrSO4 scale when untreated with 
scale inhibitor. Brine C came from a well without scaling problems. SI stands for solubility 
index, which is the activity product divided by the solubility product. 
Table 7-1 
SrSO4 scale formation prediction 
(mg·L-1) A1 B2 C3
Sr  560 565 550 
Na 43817 39292 44275 
Ca 7930 6977 6967 
Mg 1422 1270 1215 
Cl 85555 76148 83957 
SO4 210 540 100 
HCO3 232 311 360 
T (ºF) 230 230 230 
P (psig) 2500 2500 2500 
SI (SrSO4)    
Jacques and Bourland (1983) 1.01 2.38 0.43 
Yuan and Todd (1991) 1.04 1.70 0.72 
SPECS 1.39 3.72 0.68 
Field Observation    
 Borderline Scale No scale 
1 A corresponds to a well that had borderline SrSO4 scaling tendency. 
2 Brine B was from a well that had SrSO4 scale when untreated with scale inhibitor. 
3 Brine C came from a well without scaling problems.  
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The agreement between our results and those reported by Jacques and Bourland (1983), and 
Yuan and Todd (1991), is good. In the three cases, the solubility index for celestite is above 
one for brines A and B, and below one for brine C, predicting scaling problems in wells A 
and B, but not in C. Our predicted solubility indices are the largest ones for brines A and B. 
Neither Jacques and Bourland (1983) nor Yuan and Todd (1991) included in their models 
the possibility of precipitation of any other mineral but CaSO4, SrSO4 and BaSO4 (Jacques
and Bourland (1983) did not even consider the possibility of co-precipitation of different 
sulphate minerals, but focused only on SrSO4). This fact may explain the different solubility 
indices obtained in table 7-1. SPECS also predicts precipitation of CaCO3 for the three 
brines.
The composition of the formation water of one of the major oilfields in the North Sea 
(Forties oilfield) and of the North sea injection water is reported in table 7-2. The sulphate 
scaling tendency in the mixed injection and formation water was predicted by SPECS at 
different temperatures and pressures, and the results obtained by our model have been 
compared to predictions performed by Mitchell et al. (1980), Yuan and Todd (1991), and 
Yuan et al. (1993) for the same waters. Figures 7-1 to 7-4 illustrate the predicted results by 
SPECS. In all the cases, the largest saturation index is obtained for barite, and the lowest 
one for gypsum or anhydrite. Thus, barite is the most likely mineral to precipitate, unless 
kinetic impediments avoid it. At all temperature and pressure conditions, mixtures of 
injection and formation water containing from 0 to 100% seawater were undersaturated with 
respect to both anhydrite and gypsum. For mixtures ranging from 20 to 80% seawater, the 
model predicts barite and celestite precipitation, but for 20% seawater at 25ºC and 300 bar, 
where the saturation index for SrSO4 is 0.9873. The amounts of solid precipitating are also 
indicated in figures 7-1 to 7-4. Note that the mixing ration at which maximum mineral 
precipitation is obtained does not correspond to the maximum supersaturation. For example, 
at 25ºC and 1 bar, the largest predicted amount of BaSO4 precipitation (350 mg·L
-1) is 
obtained at 20% seawater, while the largest supersaturation (SI equal to 1200) corresponds 
to 60% seawater. 
The agreement between our results and those reported by Mitchell et al. (1980), Yuan and 
Todd (1991), and Yuan et al. (1993) is very good. The same minerals are predicted to 
precipitate, and the maximum calculated amounts of precipitated SrSO4 and BaSO4 are very 
close. Yuan and Todd’s (1991) results are presented in figures 4A to 5D in their paper, and 
in figures 1 and 2 in Yuan el al’s. (1993) paper. According to Yuan and Todd (1991), these 
predictions are confirmed by field observation and have been reported by Mitchell et al. 
(1980), Hughes and Whittingham (1982), and Tanner and Whittingham (1986).  
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It can be observed in figures 7-1 to 7-4 that barite is more likely to form at 25ºC than at 
100ºC, and its precipitation is also favoured at low pressures. On the other hand, celestite is 
more likely to precipitate at 100ºC than at 25ºC, and its precipitation is also favoured at low 
pressures. Regarding the ratio between injected and seawater, the largest solubility indices 
for both salts are found around 60% seawater, while the maximum amount of precipitation 
is found at different mixture ratios depending on temperature and pressure. 
Table 7-2 
Composition of Forties and North Sea water 
Ions (mg·L-1) Forties water North Sea water
Na 30200 11000
K 430 340
Mg 480 1320
Ca 3110 403
Ba 250 0
Sr 660 0
Cl 53000 19800
SO4 0 2480
HCO3 360 135
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Figure 7-1. SPECS predictions for mixtures of North Sea and Forties water at 25oC and 1 bar
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Figure 7-3. SPECS predictions for mixtures of North Sea and Forties water at 25oC and 300 bar
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Figure 7-4. SPECS predictions for mixtures of North Sea and Forties water at 100oC and 300 bar 
Graham et al. (2003) studied scaling problems in the Kittiwake field, located in the central 
North Sea. The reservoir is characterized by high salinities and calcium concentrations, and 
relatively large temperatures (around 130ºC) downhole. The composition of the field and 
the sea water is reported in table 7-3.
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As the field matured, the water cut increased over 80% and scaling problems started to be 
severe. The formation of anhydrite scale downhole has been reported by Graham et al. 
(2003). Predictions were performed by SPECS, obtaining saturation indices above 1 for 
anhydrite when the seawater to formation water ratio was over 70%, while the solution was 
found to be undersaturated for lower ratios. Thus, our predictions are in agreement with 
field observations. Celestite and barite precipitation is also predicted, agreeing with Graham 
et al’s. (2003) calculations. The maximum amount of precipitation for the different 
sulphates against the seawater-formation water ratio is given in figure 7-5. The amounts of 
maximum precipitation for both BaSO4 and SrSO4 predicted by SPECS are in remarkably 
good agreement with Graham et al.’s (2003) predictions. Regarding anhydrite, the latter 
investigators report higher amounts of mineral precipitating, and predict CaSO4 scale 
formation for lower ratios than 70% seawater. Nonetheless, Kittiwake field has been in 
production since the 1980s, and severe anhydrite scale formation has only become 
important for the mature field, when the water cut increased over 80%. 
Table 7-3 
Composition of Kittiwake formation water and central North Sea water 
Ions (mg·L-1) Kittiwake formation water Sea water
Na 56000 10890
Ca 14500 428
K 4350 460
Mg 10600 1368
Ba 24 0
Sr 265 0
SO4 0 2960
Cl 147097 19773
0
100
200
300
400
500
600
700
20 40 60 80 100
% Seawater
M
ax
im
um
 p
re
ci
pi
ta
tio
n 
(m
g/
L BaSO4
SrSO4
CaSO4
Figure 7-5. SPECS predictions for mixtures of North Sea and Kittiwake formation water at 
130oC and 68 bar 
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8. Experimental Determination of Solubilities 
In the process of designing and selecting the most appropriate setup and/or analytical 
technique to determine experimentally the solubility of sparingly soluble salts (BaSO4 and 
SrSO4 in particular) in water and NaCl solutions at high temperature and pressure, different 
alternatives were studied. All those alternatives (synthetic fluid inclusions technique, 
electrochemical technique, quartz crystal microbalances, and conductivity measurements), 
together with their physical base, potentials, advantages and disadvantages for the present 
purpose, will be presented in this chapter. 
Results for conductivity measurements can be found in Appendix II. 
8.1 General Overview 
There is a large variety of methods to determine the solubility of solids in liquids, 
depending on the characteristics of the system analyzed and the range of temperature, 
pressure and concentration to be covered. According to Hefter and Tomkins (2003), they 
can be divided into direct or indirect methods. In the latter case, the solubility product is the 
quantity determined experimentally instead of the solid solubility, which can be calculated 
afterwards from the previous value. 
Direct methods can also be divided in two subgroups (Hefter and Tomkins, 2003): 
Analytical methods (the solubility is determined by chemical analysis of the liquid and 
solids in equilibrium) and synthetic methods (the solubility is determined via the variation 
of a property of a solution of known initial concentration when changing temperature, 
pressure or composition).  
The experimental procedure followed in analytical methods consists of preparing the 
sample and agitating it at constant temperature and pressure until equilibrium is reached. At 
this point the solid is separated from the liquid and the latter is analyzed in order to 
determine the solubility. It is important to keep a constant temperature and pressure during 
the separation process, otherwise some precipitation or dilution may take place and 
contaminate the results. The solid phase should also be analyzed (chemical analysis, X-ray, 
infrared spectra) after proper drying, to assure it did not undergo any modification during 
the experiment. Many different devices can be used to follow this procedure, but they are all 
formed by three main parts:  
o Vessel containing the test solution placed inside a device to keep constant temperature 
(oven, jacket, thermostatic bath, etc.) and a constant pressure. 
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o Agitation device (magnetic stirrer, rotator, vibrator, oscillator, etc.). 
o Sampling device connected to a separation device (a filter generally, although 
centrifugation or decantation can also be employed).  
An alternative to the agitation device to provide a good contact between the liquid and solid 
phases is the use of a column containing the solid phase, through which the liquid is 
percolated.
In order to obtain reliable data the experimental difficulties of the particular system to study 
must be carefully reviewed and solved. In general, the following points must be taken into 
account before starting any solubility measurement: 
o The starting solid material should not contain any impurities, to avoid contamination 
of the results, especially for sparingly soluble salts.
o The solid should be characterized with respect to its composition and structure. It is 
also convenient to reanalyze the solid after the experiment in order to check it did not 
undergo any modification.  
o Special care must be taken when using reagents that can experience denaturalization 
due to hygroscopocity, oxidation, etc.
o The time required to achieve equilibrium must be determined prior to the 
measurements to make sure supersaturation or undersaturation is avoided, and that no 
metastable phases are present. Whenever possible, the equilibrium should be 
approached from different directions. If this is not an option, the solubility constant 
calculated from different initial conditions can be used to test the equilibrium.
o It is also important to take into account possible interactions between the test solution 
and the recipients used for storage or the atmosphere.  
o If separation of the solid and liquid phases is required, it must be performed under the 
experimental temperature and pressure.  
There is no general method or equipment to determine solubilities of water-salt systems at 
high temperatures and pressures. For each system the setup has to be designed according to 
the temperature and pressure ranges covered, and the characteristics of the particular 
system. The systems of interest in the present work are sparingly soluble compounds, which 
are generally characterized by a slow kinetics. Therefore, analytical methods are preferred 
against synthetic methods. Due to the large temperatures, pressures and salt concentrations 
to be covered, an adequate material standing those conditions and resistant to corrosion 
must be employed. A ceramic material avoids corrosion problems, but introduces 
experimental error to the measurements due to its porosity. Nevertheless, Plevachuk and 
Sklyarchuk (2000) used a ceramic cell with a special design to minimize loss of solution 
Chapter 8:                                                                                     Experimental Determination of Solubilities
Measurement and Modelling of Scaling Minerals 157
through the pores in the experimental determination of solubilities. Some authors (Jacques, 
D.C., Bourland, 1983, Howell et al., 1992) performing experiments at high temperature, 
pressure and salt concentration report corrosion of 316 stainless steel after short periods of 
use. Alternative materials found in the literature are Boron nitride (Sokolovskii et al., 1995), 
316 stainless steel covered with a silver layer (Strübel, 1966), Teflon-lined 318 stainless 
steel (Schulien, 1987), Hastelloy C (Jacques and Bourland, 1983), Titanium alloy (Howell 
et al., 1992), platinum liner in a stainless steel vessel (Jensen, 1996), Haynes satellite 
number 25 (Sharp and Kennedy, 1965). Working under nitrogen atmosphere also helps to 
reduce corrosion problems.  
The low solubility of both BaSO4 and SrSO4 in pure water and in NaCl solutions requires an 
analytical technique with very low detection limits. Different analytical procedures have 
been employed to analyze both barium and strontium contents: chemical, colorimetric, 
atomic absorption spectrometry, radioactive tracer methods, atomic emission, liquid 
scintillation counting, X-ray fluorescence, isotope dilution mass spectrometry (Bender et al., 
1972). In some cases, gravimetric methods are also employed, although they are not 
recommended for so low solubility values. 
8.2 Synthetic Fluid Inclusion Technique 
The synthetic fluid inclusion technique (SFIT) is a relatively new experimental procedure 
which allows the measurement of pressure-volume-temperature-composition (PVTX) 
properties of aqueous solutions in a wide range of temperature, pressure, and composition. 
The SFIT is based on the analysis of lab-generated fluid inclusions (microsamples of fluid 
entrapped as imperfections within crystals (Sterner and Bodnar, 1984)). This method is 
especially useful to study high salinity fluids at elevated temperature and pressure, because 
it avoids the problems of corrosion and sampling which appear in conventional techniques 
(Schmidt and Bodnar, 2000). 
The SFIT has been established as a proven method for the determination of phase equilibria 
and volumetric properties in aqueous fluid systems containing salt and volatiles. PVTX 
properties in the system NaCl-CO2-H2O at elevated temperatures and pressures were 
determined by Schmidt et al. (1995), and Schmidt and Bodnar (2000). Synthetic fluid 
inclusions have also been used with success to determine solid-liquid equilibrium and 
volumetric and critical properties in the NaCl-H2O system by Sourirajan and Kennedy 
(1962), Sterner and Bodnar (1984), and Bodnar (1995); and in the KCl-H2O system by 
Bodnar and Sterner (1985). 
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8.2.1 Experimental Procedure 
The SFIT is based on the isolation of samples in quartz (SiO2) at the desired experimental T
and P, for a posterior study under a microscope. The first step is the preparation of the 
quartz cylinders (around 2-3 cm long and 4 mm diameter) used to isolate the sample. The 
cylinders are heated to around 350oC. Then, they are removed from the oven and immersed 
in cold, distilled water, causing the cracking of the quartz due to the instantaneous 
temperature drop. The water remaining in the fractures is dried using a vacuum oven at 
110oC. After this, the cores can be stored in vacuum desiccators until the experiments are 
carried out (Bodnar, 1995). This procedure has proven to create a large number of closely 
spaced fractures without leading to the core disintegration (Sterner and Bodnar, 1984). 
The second step is to trap part of the solution of known composition in the fissures of the 
quartz core. To do so, one quartz cylinder is introduced into a platinum capsule together 
with the solution of interest. The system is heated and pressurized to experimental 
conditions using an oven and a high pressure autoclave. Part of the solution will enter the 
fractures in the quartz. Due to dissolution and reprecipitation processes, the fractures will 
partially heal, and small amounts of solution become isolated (fluid inclusions). According 
to Bodnar and Sterner (1985), the density and composition of the fluid trapped is 
representative of the bulk fluid present in the capsule, and no change is experienced during 
quenching to ambient conditions. 
The third step is to analyze the fluid inclusions to determine the PVTX properties of interest 
once the sample is cooled to room conditions. The quartz cores are cut into disks 0.25-0.5 
mm thick, and polished on both sizes before being examined under a microscope provided 
with a heating/cooling stage (Bodnar, 1995). At room temperature, the inclusions generally 
contain two or more phases, although they are originally trapped in a single, homogeneous 
fluid phase at the T/P formation conditions. These multiple phases appear as a consequence 
of phase changes during cooling. A heating/cooling stage coupled to the microscope is used 
to determine the temperatures at which the different phases disappear, providing the 
information needed to determine PVTX properties of aqueous solutions. 
8.2.2 Application of SFIT to Solubility Measurements 
To determine solubility values, synthetic fluid inclusions of different known concentrations 
are trapped following the procedure explained before. If the solution is supersaturated at 
room conditions, the inclusion will contain an additional solid phase. The temperature of 
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dissolution of such a phase is measured, and a relationship between solubility and 
temperature, at a given pressure, can be obtained. 
8.2.3 Drawbacks of the SFIT 
The use of SFIT implies certain assumptions (Vityk and Bodnar, 1998): 
o The inclusion traps a single, homogeneous phase. 
o Nothing is added or lost from the inclusion after it is trapped. 
o No reactions take place within the fluid inclusion between the time of trapping it and 
analyzing it. 
o The inclusion volume remains constant. 
According to Vityk and Bodnar (1998), not all these assumptions are always certain. Even 
though Sterner and Bodnar (1984) performed a great variety of experiments concluding that 
inclusions trap representative samples of the parent solutions, other workers (Barnes et al., 
1969) have reported that they may not. 
Another disadvantage of SFIT is the slow fracture healing rates. Schmidt and Bodnar (2000) 
run experiments during about eight weeks for temperatures of 300oC.
Special care must also be taken regarding the inclusion’s size. If the fluid inclusions are too 
small (2 to 3 µm) the phase changes are often very difficult to observe. On the other hand, 
for large inclusions (larger than about 10 µm) high internal pressures during heating for 
homogenization are generated. Such pressures result in a stretch or decrepitate of the quartz 
core. The maximum internal pressure an inclusion in quartz can stand without stretching or 
crackling decreases for increasing inclusion size. 
The main disadvantage of this technique for the present purpose is the saturation of the 
solutions with silica. Therefore, the experiments would determine barite solubility in the 
BaSO4-SiO2-NaCl-H2O system, which is not the aim of the present work. Maybe, this 
problem could be solved trying to find a material which allows the formation of fluid 
inclusions but does not interfere with the system being investigated.
8.3 Electrochemical Technique 
An electrochemical-based technique to investigate deposition of different scaling minerals 
on metallic surfaces has been presented by Morizot et al. (1999), Neville et al. (1999),  
Neville and Morizot (2000), and Morizot and Neville (2001). The results obtained (for 
CaCO3 by Neville et al., 1998 and Morizot et al., 1999; for both CaCO3 and BaSO4 by 
Morizot and Neville, 2001 and Morizot et al., 2002; and for CaCO3, MgCO3 and Mg(OH)2
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by Neville and Morizot, 2002) show this method to be a promising tool for studying 
nucleation and growth of mineral scale at solid surface, as well as inhibitor performance. It 
could also be used as a method for online monitoring of scale formation down the well. The 
technique is also a good tool to find out the relationship between the scale formation 
precipitated from the bulk solution and the one formed at a solid surface. According to 
Hasson (1996), field experience shows that inhibition does not follow the same behaviour as 
predicted in the laboratory test from bulk solution precipitation rates. 
The oxygen reduction reaction (reaction 8-1) on a rotating disk electrode (RDE) surface can 
be followed and related to the extent of surface scale. 
?? ??? )(442 22 OHeOHO                   (8-1)
We believe the same principle could also be used to measure solubility of sparingly soluble 
minerals at different temperatures and pressures. 
8.3.1 Background 
The technique is based on the change observed in the rate of reaction 8-1 at a RDE surface 
under potentiostatic control when scale starts forming on it. The schematic of the technique 
is presented in figure 8-1. At the beginning, the diffusing oxygen reaches the whole 
electrode surface area (Ai). Once scale has deposited, the surface available to the oxygen is 
reduced (Af), and thus the extent of reaction 8-1. 
The mass transport of oxygen by diffusion under varying hydrodynamic conditions to the 
surface of the electrode is analyzed by using the transport equations developed by Levich 
(1942), Adams (1969), and Filinovsky and Pleskov (1976). A rotating disk electrode is 
chosen because the mass transport to its surface is well defined and uniformly distributed 
along the whole surface, and can be varied by changing the rotational speed.  
For a reaction under mass control (as it is the case for equation 8-1) at a constant potential, 
the limiting current (iL, mA) can be related to the RDE rotational speed (?, rad·s-1) via 
equation 8-2 
2/3 1/ 6 1/ 20.62 ? ??? bLi nFAC D                  (8-2)
where n is the number of electrons involved in electrode reaction, F is the Faraday’s 
constant (96487 C equiv-1), A is the electrode area in cm2, Cb is the bulk concentration of 
electroactive species in mol dm-3, D is the diffusion coefficient of the electroactive species 
in cm2 s-1, and ? is the kinematic viscosity in cm2 s-1. For reaction 8-1, the electroactive 
species is oxygen.
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Figure 8-1. Schematic representation of active surface area before and after scale 
deposition (ASF stands for area of solid formation). 
For a constant rotation speed, equation 8-2 shows that the limiting current remains constant 
unless there is a change in the electrode surface area. Therefore, a decrease in iL will 
correspond to scale formation on the surface. Equation 8-2 is used to calculate the 
difference in active surface area before and after scale formation has taken place.  
This method has been validated by using image analysis. The surface coverage determined 
by this technique and that determined by image analysis are in good agreement, increasing 
the accuracy for highly covered surfaces (Neville et al., 1998).  
8.3.2 Experimental Procedure 
The experimental procedure consists of three main steps: 
o Analysis of the iL vs. ?????behaviour for a clean electrode to determine the initial active 
surface area. 
o Immersion of the electrode in a supersaturated solution of the species of interest and 
waiting for the scale to form on the surface. 
o Final analysis to determine the extent of scale formation on the surface. 
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The different slope of the plots iL vs. ?1/2 during the initial and final analysis is a 
consequence of the decrease in the active surface area as a result of solid deposition, as all 
the other variables in equation 8-2 are kept constant. Comparison of the two data sets will 
indicate the percentage of electrode surface covered by solid: 
100covered%
1
21 ?
?
?
m
mm
                 (8-3) 
where m1 is the gradient iL vs. ?????for the clean electrolyte, and m2 is the same gradient for 
the scaled electrolyte.  
Two separate apparatus are required to carry out the three steps. The setup to generate scale 
formation on the electrode surface is shown in figure 8-2 (a), while the experimental setup 
for the electrochemical analysis is shown in figure 8-2 (b). The latter is a three-electrode 
electrochemical cell. The working electrode is the RDE, while the reference electrode is a 
saturated calomel electrode (SCE). A platinum electrode is used as the inert auxiliary 
electrode (Neville et al., 1999). The RDE speed is measured via a tachometer. 
Figure 8-2. Experimental setup for (a) precipitation and deposition of salt and (b) 
electrochemical analysis (Neville and Morizot, 2000). 
The performance of different inhibitors can be easily studied using this new technique. The 
response to the addition of a given quantity of inhibitor to the supersaturated solution in 
contrast to the inhibited solution can be analyzed in the same way as explained previously.
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8.3.3 Application to Solubility Measurements 
The principle used to develop the new technique presented above could be used to perform 
solubility measurements. The appearance of the first particle of solid on the electrode can be 
followed by measuring the current iL. According to equation 8-2, for a constant temperature, 
pressure and angular velocity, the limiting current has a constant value unless the electrode 
area changes as a consequence of solid formation. Such change in the current value can be 
used to determine the solubility. 
The kinematic viscosity and the diffusion coefficient depend on both temperature and 
pressure. Therefore, both the electrochemical cell and the precipitation/deposition setup 
should be maintained at the same T and P conditions. In order to avoid dissolution of the 
scale when analyzing the current, a solution at equilibrium with respect to the precipitating 
solid, and with the same NaCl concentration as the precipitation setup, should be used as 
analysis solution. 
An alternative procedure could be based on using the same device both for the 
electrochemical analysis and the precipitation process. A solution of known composition of 
the species of interest in a known concentration of NaCl is employed as analysis solution. 
The temperature is increased to the desired value, and pressure is increased to a value higher 
to the pressure corresponding to the solubility point. In that way, an undersaturated solution 
is the starting point for the experiment. Pressure is decreased slowly and the current is 
recorded, until a decrease in the current is observed. That point corresponds to the first solid 
deposited on the electrode, and indicates the pressure at which the original solution reaches 
solid-liquid equilibrium. The same procedure can be followed for different temperatures and 
NaCl concentrations covering the required ranges of temperature and composition. If we 
want to attain equilibrium from a supersaturated solution, the pressure will be slowly 
increased instead of decreased, until a current change is observed. However, if the 
attainment of equilibrium is slow, this procedure can be time consuming. 
8.3.4 Drawbacks of the Electrochemical Method 
The development of the electrochemical approach follows some assumptions that may not 
always be true, and therefore, could affect the final results:
o The solid deposited on the electrode surface does not allow oxygen transport through 
the crystal lattice, and therefore the electrochemical reaction only takes place on the 
free surface. 
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o The corrosion reaction of the substrate with the electrolyte does not influence the 
results.
o Deposits do not re-dissolve once they have been formed. 
o The rate of oxygen reduction is constant, and the diffusion coefficient of oxygen to the 
active sites is constant for bare and scaled electrolytes. 
The deposited solid may have a complex shape, with parts not completely in contact with 
the surface (i.e., ellipsoidal). The oxygen reduction reaction could take place on those 
“cavities” formed by the solid, at a lower rate than on the free surface, but this possibility 
has not been accounted for by this technique. 
The method assumes the surface is equally accessible for oxygen reduction. Nevertheless, 
the deposition of crystals will induce local turbulence effect, which will enhance the supply 
of oxygen near the solids. 
Neville et al. (1999) noticed that the relationship iL vs. ?1/2 showed a small degree of non 
linearity when scale had deposited on the electrode’s surface. Even though a good linear 
correlation coefficient was obtained (0.99), this behaviour indicates that the non uniform 
layer created on the electrode is generating some instability. The problem may be important 
when having many scale layers. 
When studying the applicability of the electrochemical technique to solubility
measurements, several inconvenient points were found: 
o All the studies performed using the electrochemical technique were performed at room 
temperature and atmospheric pressure (Neville and Morizot (2000) performed some 
measurements at 80oC and 1 atm). Accuracy and feasibility of the technique at high 
temperature and pressure has not been addressed.
o The kinematic viscosity and the diffusion coefficient depend on pressure, and even 
though the dependence is not very strong, changing its value may lead to different 
limiting currents for the same surface area. 
o After every change in the pressure conditions, it is required to wait the time needed to 
attain equilibrium for the particular system being analyzed. Therefore, for slow 
reactions, this procedure is not appropriate. 
o If two different devices are employed (one for the electrochemical analysis and 
another one for the precipitation process), the electrode should be transferred from one 
to another at a constant temperature and pressure to avoid experimental errors. 
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8.4 Quartz Crystal Microbalances 
Quartz crystal resonators are widely used nowadays for physical, chemical and biochemical 
sensing. This device is sensitive to mass changes at its surface, being called quartz crystal 
microbalance (QCM). It is a microgravimetric technique capable of measuring as small as 
ng order of mass changes on the surface of the crystal (Iitaka et al., 1997). This accuracy is 
reduced when the fluid in contact with the quartz is a liquid.  
8.4.1 Background 
8.4.1.1 Piezoelectricity
Quartz crystal microbalances are based on the phenomenon of piezoelectricity, which is a 
coupling between a material’s mechanical and electrical behaviours. When a mechanical 
stress is applied on a piezoelectric material, an electrical charge appears on its surface. This 
phenomenon is called piezoelectricity. Piezoelectric materials also display a converse 
piezoelectric effect: When an electrical charge is applied, the material deforms 
mechanically. 
Many crystalline materials exhibit piezoelectric behaviour, but only a few materials exhibit 
the phenomenon strongly enough to use them in applications taking advantage of 
piezoelectricity. Quartz, Rochelle salt, lead titanate zirconate ceramics, barium titanate and 
polyvinylidene fluoride are found among these materials. 
A quartz crystal sensor will be formed by the quartz disc with electrodes on both sides. The 
thickness of the disk has to be very small in order to have a high sensitivity (Ferrari et al., 
2000). The quartz crystal resonator is sensitive to mass changes at its surface. Therefore, it 
can be used as a quartz crystal microbalance to measure changes of a known mass of salt 
placed on the crystal, due to dissolution in a liquid media. Salt precipitation on the crystal 
surface from a supersaturated solution can also be studied by means of the QCM. 
8.4.1.2 Frequency Response
There are different factors affecting the frequency response of a piezoelectric quartz crystal 
(Guigard et al., 2001): 
o Mass located on the crystal surface 
o Pressure
o Temperature 
o Properties of the fluid surrounding the crystal (density and viscosity) 
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o Mounting effects 
Considering all the effects mentioned above, the measured frequency (F) of a quartz crystal 
can be expressed as: 
fTPm FFFFFF ????????? 0                  (8-4) 
where F0 is the crystal’s inherent frequency, ?Fm is the frequency change due to mass 
placed on the crystal, ?FP is the frequency change due to the pressure, ?FT is the frequency 
change due to the temperature, and ?Ff is the frequency change due to changes in the 
density and viscosity of the surrounding fluid. The mounting effects, or external stresses, 
are kept constant if handling of the crystal is avoided through the experiment (Guigard et 
al., 2001). 
8.4.1.2.1 Mass Effects
Several equations can be found in the literature relating the frequency change of a crystal 
immersed in a gaseous phase as a consequence of the mass placed on its surface (?Fm). The 
first relationship was proposed by Sauerbrey (1959):
m
cAN
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qq
m ??
???
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02                   (8-5) 
where ?q is the crystal density, cq the crystal stiffness, ?m the change of mass located on the 
crystal, N the harmonic and A the crystal area.
According to equation 8-5, the mass sensitivity of the crystal is not dependent on the kind of 
deposited material. It only depends on crystal’s properties (density, stiffness, area and 
inherent frequency). Therefore, calibration is not required. Nevertheless, Sauerbrey (1959) 
assumed the mass placed on the quartz could be assimilated to an increase in the effective 
thickness of the quartz resonator. The film added was assumed to have the same density and 
acoustic properties as quartz. Those assumptions reduce the range of applicability of 
equation 8-5 to small mass loads and ratios of ?F/F0 lower than 2% (Hayward et al., 1998).  
The use of quartz crystal microbalances in liquids is more complicated than in gaseous 
media. In this case the frequency shift is due to two contributions: The mass load and the 
effect caused by changes in the liquid properties. Kanazawa and Gordon (1985) studied the 
changes in the quartz crystal frequency when it was immersed in a viscous medium, and 
developed an equation accounting for such changes.
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where ? and ? are the density and viscosity of the bulk fluid, respectively. 
Combining equations 8-5 and 8-6: 
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8.4.1.2.2 Temperature and Pressure Effects
In order to quantify the pressure and temperature effect on the frequency shift of the quartz 
crystal, initial experiments could be performed using a clean crystal. When the frequency 
has stabilized for the unload crystal, the pressure can be increased keeping a constant 
temperature. The frequency shift measured is a consequence of the pressure effect exerted 
on the crystal and the changes in density and viscosity of the liquid, and thus the frequency 
measured is 
fP FFFF ????? 0                     (8-8) 
?Ff can be quantified using equation 8-6 once the viscosity and density of the liquid are 
known. The process can be repeated until all the pressures of interest have been covered, 
and all the values for ?FP have been calculated. The same procedure can be followed to 
study the frequency shift due to temperature. In this case the frequency is given by 
fT FFFF ????? 0                   (8-9) 
Again, the different values of ?Ff for the range of temperatures of interest can be calculated 
from equation 8-6. 
In case the term ?Ff cannot be calculated accurately at the large temperatures and pressures 
of interest (up to 300oC and 700 bar) a different approach can be followed. The effects of 
pressure, temperature and changes in liquid density and viscosity can be grouped in a single 
term ?FTPf, so that the measured frequency at each temperature and pressure pair is 
TPfFFF ??? 0                 (8-10) 
The advantage of such procedure is a lower experimental error:  
o The experimental errors introduced by the density and viscosity calculations and/or 
measurements are avoided. 
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o The addition of the experimental errors implied in the separate measurements of the 
temperature and pressure effects is avoided. Instead, a lonely measurement is done 
reducing the total error. 
Another advantage of using the term ?FTPf is that it would include any other possible effect 
taking place in the system and not accounted for in a proper way when using equations 8-8 
and 8-9 (e.g., the effect of the mass of water adsorbed to the crystal surface). 
The disadvantage of the procedure is the need to perform experiments for each temperature 
and pressure pair of interest. In this case, for each temperature the whole range of pressures 
has to be covered, and vice versa, increasing considerably the number of experiments to 
perform. 
Both procedures could be followed for a set of T and P points in order to know if the 
experimental error for the first approach is considerably larger that when using the second 
approach. Depending on the results, the most appropriate procedure can be chosen. 
A very tight control of the temperature is needed through the experiment to obtain reliable 
results and a stable frequency. The resonant frequency is a sensitive function of 
temperature, and small temperature fluctuations can swamp the typical frequency shifts 
involved with the mass variations. When working with gases, the intrinsic temperature 
dependence of the QCM is negligible near room temperature (around 1-3 Hz oC-1). When 
the crystals are immersed in liquid, much larger changes in frequency with temperature are 
observed. Ferrari et al. (2000) carried out experiments on several uncoated sensors having a 
value for F of 7 MHz, and obtained a thermal sensitivity (dF/dT) around -470 Hz oC-1,
which corresponded to -67 ppm oC-1. Another effect which needs to be accounted for is the 
importance of the temperature history of the crystal. It is often observed that the frequency 
versus temperature curve obtained going from T1 to T2 does not coincide with the curve 
obtained going from T2 to T1.
8.4.2 Experimental Procedure 
Preliminary studies to the solubility experiments are required in order to characterize the 
frequency response of the clean quartz crystal against changes in both temperature and 
pressure (and the consequent changes in fluid properties). The quartz crystal will be placed 
inside the pressure vessel in contact with the liquid medium. Temperature and pressure will 
be then increased to the desired values. When the frequency has stabilized, the value of 
?FPTf will be calculated according to equation 8-10. The procedure will be repeated for the 
whole range of temperatures and pressures of interest. When the liquid is different from 
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distilled water, all the range of concentrations to be used in the solubility experiments has to 
be analyzed. It would be convenient to use an equal volume of water or solution to 
determine ?FPTf, in case this factor could influence the results. Nevertheless, this influence 
could also be studied by performing experiments using different volumes of water/solution 
under the same temperature and pressure conditions. 
Once the value of ?FPTf is known for all the conditions to be studied, the solubility 
measurements can start. Two different approaches could be used: 
o Precipitation of salt on the QCM from a supersaturated solution 
o Dissolution of the solid salt deposited on the QCM 
The first approach was used by Abdel-Aal et al. (2001) to study the adhesion mechanism of 
CaCO3 scale at 25
oC. Eun. et al. (1999) studied the growth of cadmium selenite and barium 
sulphate crystals on a QCM from supersaturated solutions. Guigard et al. (2001) measured 
the solubility of two copper salts in supercritical CO2 using the dissolution approach. 
The disadvantage of the precipitation approach is the possibility of solid formation on the 
vessel walls, which will not be accounted for by the QCM. Anyhow, this problem could 
also appear when following the dissolution method, due to a continuous process of 
dissolution and reprecipitation, although it is thought to happen in a lower extent.
The main drawback of the dissolution approach is the necessity of placing the solid salt on 
the crystal surface. The equations developed to relate frequency shifts and mass changes 
assumed the mass on the crystal to be a thin layer with constant properties. Bond et al. 
(1997) solved this problem by adhering the microcrystals ([(C4H9)4N][Ce(CO)5I]) to the 
electrode by smearing the electrode surface with a cotton swab containing the powdered 
material. They transferred masses between 3 and 6 ?g by this procedure. Nonetheless, those 
values are too low even for the lowest soluble salts of our interest. Guigard (2001) 
generated a layer on the crystal by allowing the solvent to evaporate. They dissolved the salt 
in water and placed a known volume of that solution on the crystal using a syringe. 
Afterwards, the solvent is allowed to evaporate. The mass of salt placed on the crystal can 
be calculated using two different methods. The first one implies the knowledge of the 
volume and concentration of the solution placed on the crystal. The second method is based 
on the frequencies measured before and after the crystal loading, and on the use of equation 
8-5. Guigard et al. (2001) reported an average deviation of 28% for the masses of 
bis(thenoyltrifluoroacetonato)copper(II) measured using these two methods. They explain 
the difference as experimental errors introduced due to remaining mass on the syringe tip, 
volume delivered, concentration and solvent residue on the crystal. They believe the mass 
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calculated from Sauerbrey’s (1959) equation is more accurate than that from volume and 
density.
For slightly soluble salts (as BaSO4 and SrSO4), the homogeneous deposition of powdered 
solid salt directly on the crystal surface would be the easiest way to proceed. In order to 
assure the method is reliable, the equations presented before could be tested by performing 
different experiments where the mass loaded is known. If the equations are found to give 
inaccurate results, a calibration could solve the problem.  
Once the salt is deposited on the crystal, the temperature and pressure conditions are 
increased to the desired value. To do so, an oven and a pressure vessel connected to a pump 
can be used. When the equilibrium has been reached and the frequency has stabilized, F is 
measured. This procedure is repeated for the different T and P conditions to be analyzed.
The setup to determine solubility of sparingly soluble salts in a liquid phase at high 
temperature and pressure, by means of the QCM technique, is represented in figure 8-3. To 
avoid breakage of the QCM, a very tight and fast-acting pressure control system is required. 
Otherwise, the differential pressure between the liquid and gaseous phases could easily 
cause the crystal breakage. To get good sensitivity, the crystal’s thickness is less than 1 mm, 
and therefore the differential pressure it can stand is very low. The same setup could also be 
used replacing the air by a liquid phase, but it would imply a considerable decrease in the 
sensitivity of the QCM. 
Apart from the assumptions done in the development of equations 8-4 to 8-10 and the 
difficulties to place the solid salt homogeneously on the crystal surface, the main 
disadvantage of this method is the large cost and complexity of the design. For these 
reasons, it was discharged for the present purpose, although it is believed to have a high 
potential for the determination of solubility of sparingly soluble salts, avoiding at the same 
time the problems found in such cases to come across a reliable analytical technique. 
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Figure 8-3 Experimental QCM setup 
8.5 Conductivity Measurements 
Conductivity of a solution is a measurement of its ability to carry an electrical current. The 
electrical conductivity increases with the amount of solids dissolved, and therefore, it has 
been widely used to determine salt concentrations in water. To measure conductivity, a 
constant voltage is applied across two electrodes separated by a constant distance. The 
electrical current transported through the solution depends on the number and type of ions 
dissolved in it.  
The conductivity technique has previously been used at high pressures and temperatures to 
study asphaltenes precipitation (Fotland, 1996). The liquid-liquid coexistence curve on the 
phase diagram of the Pb-Ga system was determined on the basis of electroconductivity 
measurements by Sokolovskii et al. (1995). Plevachuk and Sklyarchuk (2000) developed an 
experimental technique for electrical conductivity measurements in a wide temperature 
range (up to 1730°C) under high pressures (up to 500 bar). 
8.5.1 Background 
There are many different methods to determine solubility of solids in liquids. One way to 
perform such measurement is by the so-called synthetic methods, where no chemical 
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analysis is required. A sample of known initial composition is prepared. One of the 
equilibrium parameters (E, being temperature, pressure or composition; or any function of 
E) is then modified and one of the system properties (P) is followed. When there is a phase 
change, a break will appear in the plot P vs. E (or f(E)). This principle may be used to 
measure the solubility of salts in water. 
8.5.2 Experimental Procedure
Even though synthetic methods are not recommended for sparingly soluble salts, as they are 
usually characterized by slow kinetics, conductivity experiments were performed for SrSO4-
H2O systems in order to study the real feasibility of this technique for our purposes. 
Celestite (SrSO4) was chosen over barite due to the extremely low conductivity values for 
the latter salt. In order to simplify the experimental setup, and as the main purpose was to 
verify the validity of the method for our needs, the experiments were performed at room 
temperature and pressure. The electrical conductivity of celestite-water solutions was 
followed (P) when changing the composition (E). The concentration of salt in the solvent 
was continuously decreased by adding a constant flow rate of distilled water, by means of 
an ISCO pump. The conductivity was measured by a conductivity meter (Lutron CD-4303). 
If experiments had to be carried out at high constant pressures, a bellow connected to a 
pump could be located inside a pressure vessel containing the solution. The pump 
introducing water to the system would work in a constant flow mode, while the pump 
connected to the bellow would supply a constant pressure. Operating in this way, water is 
constantly introduced into the vessel, which will maintain a constant pressure due to the 
volume compensation of the bellow. 
A supersaturated solution at room temperature and pressure was prepared, by adding a 
known amount of pure commercial powder SrSO4 in a known volume of distilled water. 
The solution was stirred with a magnetic stirrer, and the conductivity was constantly 
measured at the same time as a very low water flux is added to the vessel containing the 
solution. The experimental setup is shown in figure 8-4. 
When a new volume of water is added to the solution, part of the excess solid will dissolve, 
keeping a constant conductivity value. This procedure will go on until the last particles of 
solid are dissolved. From that moment, a new addition of water to the solution will cause a 
dilution process, and therefore the conductivity will experience a decrease. Therefore, the 
break in the plot conductivity vs. solution volume will indicate when dilution starts to take 
place. The solubility value at the experimental conditions can be calculated from the initial 
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weight of salt and the initial volume of water, together with the volume of water added until 
the break point appears.
The results from the different conductivity experiments carried out are presented in 
Appendix II. The conclusion drawn from those results is the lack of validity of this 
experimental procedure to determine celestite solubility in pure water. The slow kinetics of 
the system (equilibrium was attained only after at least 20 hours) makes any synthetic 
technique inappropriate to obtain reliable solubility measurements in a reasonable time. 
Figure 8-4 Experimental conductivity setup 
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9. BaSO4 Solubility in NaCl at High Temperature and Pressure 
A study of the solubility of barite (BaSO4) in sodium chloride solutions from very diluted to 
highly concentrated solutions, under hydrothermal conditions, was undertaken in 
connection with research on the scale formation problem found in many industrial 
processes. The deposition of barium sulphate as scale from highly concentrated brines 
found in oil and geothermal wells is a common problem (Templeton, 1960). The 
thermodynamic models used to predict mineral solubility in natural waters must be based on 
a relatively large amount of accurate experimental data of the scale forming phases at the 
different conditions of temperature, pressure and composition found in real life. Some of the 
available data on the solubility of barium sulphate in sodium chloride are inconsistent, and 
most of the published data only cover a narrow range of low temperature (around 25oC) and 
NaCl concentration, and are measured at atmospheric pressure. The use of such data can 
lead to weak models and inaccurate predictions. The few sources dealing with high 
temperature and pressure cannot be cross-checked due to the different experimental 
conditions. Therefore, a larger databank is necessary to understand and predict the causes of 
precipitation and dissolution of barite in nature.
An experimental setup has been developed in order to measure the solubility of barite 
and/or celestite (SrSO4) in aqueous solutions of sodium chloride (NaCl) at high 
temperatures (up to 250oC), high pressures (up to 700 bar), and high ionic strengths (from 
very diluted NaCl solutions up to the saturation point). The setup is shown in figures aIII-3 
and aIII-4 in Appendix III. 
9.1 Previous Studies of BaSO4 Solubility in NaCl Solutions 
The solubility of barium sulphate in sodium chloride solutions has been previously studied 
by Templeton (1960), Uchameyshvili et al. (1966), Strübel (1967), Davis and Collins 
(1971), Blount (1977), and Schulien (1987). Nevertheless, published data on the solubility 
of barite at temperatures above 25oC and pressures larger than 1 atm are scarce. The ranges 
of temperature, pressure and NaCl concentration covered by the different investigators are 
given in table 9-1.
The experimental procedure followed by the majority of the sources determining barite 
solubility in NaCl solutions can be divided into four main steps: 
o Preparation of the starting solid by precipitation. In some cases natural barite or 
commercial crystalline powder is employed, and this step may be avoided. 
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o Placement of a solution containing excess of BaSO4 in a device keeping constant 
temperature and pressure. This step may include agitation of the sample during the 
equilibration period. In some studies, only one of the variables is kept constant (e.g., 
pressure), while the other (e.g., temperature) is changed slowly. 
o Sampling of the solution after equilibrium is reached. 
o Analysis of the Ba2+ concentration. 
The main differences among the procedures used by the different investigators are found in 
the choice of analytical technique, device to heat, pressurize and agitate the samples, etc. A 
summary of the experimental procedure followed by each investigator is reported in table 9-
2.
Table 9.1 
Experimental measurements of BaSO4 solubility in NaCl solutions 
T (oC) P(bar) NaCl (m) Number of data Reference 
20/350 1/165 0.1-2 41 Strübel (1967) 
25/95 1 0.1-5 108 Templeton (1960) 
25 1 0.01-2 8 Davis and Collins (1971) 
80/120 1/414 0.1-2 34 Schulien (1987) 
94/253 5/560 0.2-4 35 Blount (1977) 
95/340 1/165.4 0.25-2 84 Uchameyshvili et al. (1966)
Table 9-2 
Experimental procedures used to determine BaSO4 solubility in NaCl solutions 
Reference Agitation Initial solid Pressurizing Filter Dilution
Templeton (1960) Stirrer Precipitated BaSO4 No Millipore hypodermic syringe filter Yes
Uchameyshvili et al. (1966) Rocking Natural barite No No No
Strübel (1967) Natural barite No No
Davis and Collins (1971) Shaking Precipitated BaSO4 No Double Watman no. 42 filter paper No
Blount (1977) Rocking Precipitated BaSO4 Pressure vessel (±3 bar) Some
Schulien (1987) No Commercial powder BaSO4 2 pressure vessels 0.5 µm Millipore filter Yes
Reference Time (h) Heating           Analysis P medium
Templeton (1960) 24-48 Water bath (± 0.05oC) Ba: spectrographic method (±5%)
S: microreduction-colorimetric method (±0.3 mgL-1)
Uchameyshvili et al. (1966) 48-72 Electrical resistance furnace Syngle crystal weight-loss method
Strübel (1967) 10-2500a Single crystal weight-loss method
X-ray fluorescence
Davis and Collins (1971) 72 Heat lamp (±1oC) Liquid scintillation counting (±20%)
Blount (1977) 48-288 Muffle furnace (±1.5%) Ion exchange resin + X-ray fluorescence (±5%b) Water
Schulien (1987) 4-48 Environmental chamber Atomic absorption spectrometry (±3%) Nitrogen (g)
a 10 h were waited for the experiments at 600ºC, while 2500 h were waited when the experimental temperature 
was 150ºC. 
b for high NaCl concentrations (4 m) the uncertainty is larger (around 7%) 
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9.1.1 Starting Material 
In the majority of studies the solid employed was either natural barite (Uchameyshvili et al., 
1966, Strübel, 1967) or precipitated barium sulphate (Templeton, 1960, Davis and Collins, 
1971, Blount, 1977), which may lead in both cases to experimental errors. Only Schulien 
(1987) used commercial crystalline BaSO4 powder.
Natural barite contains different amounts of other species which will affect the barium 
concentration in the solution. According to Blount (1977), natural barites may contain 
mineral inclusions which will dissolve increasing the ionic strength and modifying barite 
solubility.
Precipitated BaSO4 can also lead to erroneous solubility measurements resulting from poor 
solid crystallinity or occluded reactants. According to Balarew (1925), BaSO4 precipitates 
contain up to as much as 1% of occluded BaCl2. Templeton (1960) used commercial BaCl2
and Na2SO4 to obtain barite with a 0.026% excess of soluble sulphate.
9.1.2 Analytical Techniques 
A wide variety of analytical procedures were used by different investigators to determine 
the solubility of barium sulphate. Templeton (1960) analyzed the barium content by a 
spectrographic method (Grabowski and Unice, 1958) resulting in a precision of 5% for 
barium concentrations larger than 3 mg L-1. Total sulphur was determined by a 
microreduction-colorimetric method (Johnson and Nishita, 1952), allowing a precision of 
0.3 mg L-1 in the concentration range from 1 to 45 mg L-1. All the measurements were 
carried out both from supersaturation and undersaturation, to assure equilibrium was 
attained.  
The single-crystal weight-loss method was employed by Uchameyshvili et al. (1966) and 
Strübel (1967). The latter also analyzed the total barium content by X-ray fluorescence. Due 
to the low solubility of BaSO4 in water (of the order of 10
-5 m) and in NaCl solutions (of the 
order of 10-4 m) the weight-loss method is not recommended. Uchameyshvili et al. (1966) 
used a very accurate (0.01 mg) microanalytical balance, but they also employed 
considerably large quantities of natural barite crystals (from 2 to 7 g) and low volumes of 
solution (40 mL), which may lead to large errors by the weight-loss method.  
Davis and Collins (1971) measured the sulphate concentration of a radioisotope-tagged 
(35S) solution of precipitated BaSO4 by liquid scintillation counting, resulting in efficiency 
around 20%. Total barium was also analyzed by emission spectroscopy, but the precision 
obtained for concentrations of 1 mg L-1 and lower was not satisfying. When the data of the 
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barium ion and the sulphate ion are given separately, it can be clearly observed the 
disagreement between both experimental techniques is very high.
Blount (1977) determined the amount of barium by X-ray fluorescence after taking up the 
barium contained in the experimental solution by means of a chelating ion-exchange resin. 
To avoid interferences, high ionic strength solutions were diluted 1:10. The accuracy of the 
method is reported to be better than ± 5%. Nevertheless, the uncertainty of barium analysis 
for 4 m NaCl solutions is quite large (around ± 7%). When having high ionic strength media 
the recovery of barium by the resin may be interfered by other cations, sodium in this case. 
Finally, Schulien (1987) analyzed the barium content in the sample by atomic absorption 
spectroscopy, reporting an accuracy of ± 3%.  
9.1.3 Dilution 
Some of the previous analyses (at atmospheric pressure and room temperature) are 
performed directly on the experimental samples, without previous dilution. The solubility of 
barite decreases with decreasing pressure and may also decrease with decreasing 
temperature. Therefore, dilution is a requirement in most of the cases to avoid precipitation 
when both temperature and pressure are decreased from the experimental values to room 
conditions. Otherwise, erroneous low solubility values are very likely to be measured as a 
result of precipitation.
From the sources shown in table 9-1, only Templeton (1960) and Schulien (1987) diluted 
their samples with barium free-NaCl solution of the same concentration as in the 
experiment, prior to the change of the experimental conditions and the analysis. Templeton 
(1960) only diluted the samples for the determination of barium, while sulphate 
determinations were made on the undiluted samples.  
Blount (1977) only diluted high ionic strength samples to avoid interferences during the ion 
exchange process to recover barium. The limit value chosen by Blount (1977) to decide 
whether dilution was required or not is not mentioned in his publication. Therefore, it is not 
possible to determine the data that may be affected by precipitation before analysis.
It is unlikely that Uchameyshvili et al. (1966) and Strübel (1967) data are affected by this 
experimental error as the weight-loss method is employed.  
Davis and Collins (1971) only performed measurements at 25oC and 1 atm, thus their data 
are also safe from this experimental error. 
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9.1.4 Agitation 
Agitation of the sample is provided by means of a stirrer (Templeton, 1960), a shaker 
(Davis and Collins, 1971), or by rocking the setup (Uchameyshvili et al., 1966, Blount, 
1977). Schulien (1987) did not use any kind of mixing mechanism in the sample solution.  
9.1.5 Time Required to Attain Equilibrium 
The time waited for the different investigators before performing the analysis varies from 4 
hours (Schulien, 1987) to 2500 hours (Strübel, 1967). Even though Schulien (1987) usually 
waited 24 hours prior analysis, he assures the results did not vary after 4 hours.
9.1.6 Temperature 
Different devices were employed to increase and keep a constant temperature. Templeton 
(1960) used a water bath thermostat controlled to within ± 0.05oC. Uchameyshvili et al. 
(1966) introduced the vessel containing the solution into and electrical resistance furnace 
and measured the temperature by means of a Chromel-Kopel thermocouple accurate to ± 1-
3oC. Similar ovens to heat up the solution were also used by Blount (1977) and Schulien 
(1987). A heat lamp was employed to slightly increase the temperature above the stabilized 
room temperature (25 ± 1oC) for Davis and Collins (1971) measurements.  
9.1.7 Pressure 
There are only two sources in table 9-1 performing experiments at pressures larger than 1 
atm or the saturation pressure of the solution (Blount, 1977 and Schulien, 1987). Blount 
(1977) uses a pressure vessel formed by an inner cell containing the sample and surrounded 
by an outer space. Water is pumped to or out from the space in order to control the pressure. 
Schulien (1987) employed a high pressure autoclave vessel and nitrogen gas as pressure 
medium. 
9.1.8 Filtration 
The filtration procedure followed by some of the sources shown in table 9-1 (Templeton, 
1960, Blount, 1977) is inaccurate, as the samples were filtered at atmospheric conditions. 
Large changes in temperature and pressure will then be experienced by the solution while it 
is being filtered, which could lead to solid deposition in the sampling tube or in the filter. 
Part of those deposits could also be re-dissolved when taking out new samples.
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Templeton (1960) withdrew the samples through a Millipore hypodermic syringe filter. 
Davis and Collins (1971) used a double Watman number 42 filter paper. Blount (1977) 
withdrew samples by opening a valve located at the other end of a pipe connected to the 
sample cell. Schulien (1987) filtrated at the experimental conditions by using a 0.5 µm 
Millipore filter connecting two pressure vessels. 
As mentioned in Chapter 4, many of the data are shown to be inaccurate and most of them 
could not be tested for their reliability. It is clear, at certain conditions, the existence of 
erroneous measurements, as two sources report rather different values. Nevertheless, due to 
the lack of data at the same conditions it is not possible to conclude which sources are 
reliable.
Even though the procedure followed by Schulien (1987) seems to be the most reliable 
experimentally (commercial powder BaSO4 used as starting solid, filtration under 
experimental conditions, dilution prior analysis to avoid precipitation), his results strongly 
disagree with the other sources shown in table 9-1. The main shortcoming of Schulien’s 
(1987) work is the short time awaited to assure equilibrium (he assures 4 hours were 
enough). Moreover, no agitation device is employed, and thus, it is very unlikely that his 
solutions were at equilibrium. This fact could explain the much lower values reported by 
Schulien (1987) when compared to other sources in table 9-1.
Some of the measurements performed by Blount (1977) may be affected by precipitation of 
BaSO4 during filtration or prior analysis, which could explain the low values obtained.  
Uchameyshvili et al. (1966) and Strübel (1967) data may contain some inaccuracies as a 
consequence of the use of natural barite and the single crystal weight-loss method to 
analyze the solubility.
9.2 Previous Studies of SrSO4 Solubility in NaCl Solutions 
As mentioned in a previous chapter, there is a large disparity in the reported solubility 
values for celestite in sodium chloride solutions. This inconsistency is aggravated at high 
temperature and pressure conditions. Table 9-3 shows the ranges of temperature, pressure 
and NaCl concentration covered by different investigators reporting SrSO4 solubility in 
NaCl-H2O.
The experimental procedure followed by the majority of the sources determining celestite 
solubility in NaCl solutions can be divided in the same four main steps reported previously 
for barite. Culberson et al. (1978) employed a different approach using a 1 cm internal 
diameter column packed with solid SrSO4 through which the NaCl solution is passed 
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various times. To prevent channelling, the solid was inverted several times and allowed to 
resettle before each measurement. 
A summary of the experimental procedure followed by each investigator is reported in table 
9-4.
Table 9-3 
Experimental measurements of SrSO4 solubility in NaCl solutions
T (oC) P (bar) NaCl (m) Number of data Reference 
-0.05/25 1 0.004-0.05 10 Lucchesi and Whitney (1962) 
10.3/40 1 0.05-5.6 36 Reardon and Armstrong (1987) 
20/90 1 0.1-2.6 32 Strübel (1966) 
25 1 0.01-2 10 Davis and Collins (1971) 
25 1 0.5 5 Brower and Renault (1971) 
25 1 0.73 1 Culberson et al. (1978) 
25 1 0.4-5.1 8 Müller (1960) 
25/253.5 1/600 0.5-5 436 Howell et al. (1992) 
25/125 1/2.3 0.2-5.7 24 Vetter et al. (1983) 
80/120 1/414 0.1-2 49 Schulien (1987) 
100/305 0.2/165 0.2-3.7 41 Jacques and Bourland (1983) 
Table 9-4 
Experimental procedures used to determine SrSO4 solubility in NaCl solutions 
Reference Agitation Initial solid Pressurizing Filter Dilution
Lucchesi and Whitney (1962) Rods Precipitated SrSO4 No No No
Reardon and Armstrong (1987) Rods Precipitated SrSO4 No No No
Strübel (1966) Natural celestite No 5
Davis and Collins (1971) Shaking Precipitated SrSO4 No Double Whatman no. 42 filter paper No
Brower and Renault (1971) Rods Precipitated SrSO4 No No No
Culberson et al. (1978) No Precipitated SrSO4 No No No
Müller (1960) Precipitated SrSO4
Howell et al. (1992) No Precipitated SrSO4 High pressure pump Coarse (40-60µm) fritted glass filter Yes
Vetter et al. (1983) Shaking Precipitated SrSO4 No No No
Schulien (1987) No Commercial powder SrSO4 2 pressure vessels 0.5 µm Millipore filter Yes
Jacques and Bourland (1983) Rods Precipitated SrSO4 2 pressure vessels Yes Yes
Reference Time (h) Heating Analysis P medium
Lucchesi and Whitney (1962) Thermostat (±0.005°C)/Ice-water bath Liquid scintillation counting (±1%)
Reardon and Armstrong (1987) Water bath Atomic absorption spectrometry (±1%) 
Ion chromatography for sulphates (±5%)
Strübel (1966) 35-340 Oven
Davis and Collins (1971) 72 Heat lamp (±1°C) Liquid scintillation counting (±20%)
Brower and Renault (1971) Atomic absorption spectrometry (±10%)
Culberson et al. (1978) Water jacket + controller (±0.05°C) Atomic absorption spectrometry 
Müller (1960) 48 Titration
Howell et al. (1992) 24 Oven + T controller (±1°C) Atomic absorption spectrometry 
Vetter et al. (1983) 72-168 Heat box Liquid scintillation counting (90Sr, 32S)
Schulien (1987) 4-48 Environmental chamber Atomic absorption spectrometry (±1%) Nitrogen (g)
Jacques and Bourland (1983) 72 Oven + T controller (±0.1°C) Atomic absorption spectrometry Nitrogen (g)
Chapter 9:                                                       BaSO4 Solubility in NaCl at High Temperature and Pressure 
Measurement and Modelling of Scaling Minerals 182
9.2.1 Starting Material 
The majority of the studies of celestite solubility used SrSO4 synthesized by reaction of a 
sulphate salt, usually Na2SO4, and a strontium salt, usually SrCl2 (Lucchesi and Whitney, 
1962, Brower and Renault, 1971, Davis and Collins 1971, Culberson et al., 1978, Jacques 
and Bourland, 1983, Vetter et al., 1983, Howell et al. 1992). Reardon and Armstrong (1987) 
obtained celestite by titrating a 0.003 m H2SO4 solution with a Sr(OH)2 solution to a pH of 
5.7, which, according to these investigators, ensures a purer solid than the one obtained with 
SrCl2 and Na2SO4. They also performed tests to assure their starting material was not 
affected by surface poisoning effects before the solubility experiments were conducted. 
Müller (1960) precipitated celestite from commercial solutions of SrCl2 and H2SO4. Natural 
mineral from Girgenti, Bristol and Gembeck containing 0.09% CaO and barium traces was 
employed by Strübel (1966). The latter investigator also used precipitated SrSO4 in some of 
his measurements. Only Schulien (1987) used commercial crystalline SrSO4 in his solubility 
determinations. As mentioned previously for the case of barite, the use of either natural 
minerals of precipitated strontium sulphate may lead to experimental errors. Therefore, the 
use of crystalline commercial powder is preferred. 
9.2.2 Analytical Techniques 
Mainly, two analytical techniques were used to determine strontium concentrations in the 
samples: Liquid scintillation counting (LSC) and atomic absorption spectrometry (AAS). 
Lucchesi and Whitney (1962), Davis and Collins (1971) and Vetter et al. (1983) used LSC, 
resulting in efficiencies between 1% (Lucchesi and Whitney, 1962) and 20% (Davis and 
Collins, 1971). AAS was used by Brower and Renault (1971), Culberson et al. (1978), 
Jacques and Bourland (1983), Reardon and Armstrong (1987), Schulien (1987) and Howell 
et al. (1992), resulting in efficiencies between 1% (Reardon and Armstrong, 1987, Schulien, 
1987) and 10% (Brower and Renault, 1971). Müller (1960) determined the Sr2+
concentration by titration, a method which is not recommended for the low solubility values 
being analyzed. Reardon and Armstrong (1987) also determined sulphate concentrations on 
selected samples by ion chromatography, obtaining larger analytical uncertainties  (± 5%) 
than when using AAS. Vetter et al. (1983) used two different tagged isotopes (90Sr and 32S)
for cross-checking of the results. In some case, their deviations were as large as 30 %. 
Two sources (Lucchesi and Whitney, 1962 and Reardon and Armstrong, 1987) performed 
analysis on the final solid phase. Lucchesi and Whitney (1962) used X-ray powder 
diffraction photographs on the solid, concluding it was pure strontium sulphate. Reardon 
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and Armstrong (1987) analyzed the sodium content of the final solid, in order to prove that 
substantial substitution of Cl- for SO4
2- and Na+ for Sr2+ did not occur in the solid phase.
9.2.3 Dilution 
To avoid precipitation of strontium sulphate when pressure is decreased from the 
experimental value to atmospheric pressure, the samples were diluted with water (Howell et 
al., 1992) or NaCl solution (Schulien, 1987, Jacques and Bourland, 1983). All other sources 
shown in table 9-3 performed experiments at atmospheric pressure, and therefore dilution is 
not required (celestite solubility has a maximum around 25ºC).  
9.2.4 Agitation 
Agitation of the sample is provided by means of a shaker (Davis and Collins, 1971 and 
Vetter et al., 1983), or a roller/rod (Lucchesi and Whitney, 1962, Brower and Renault, 1971, 
Jacques and Bourland, 1983, Reardon and Armstrong, 1987). Culberson et al. (1978), 
Schulien (1987) and Howell et al. (1992) did not use any kind of mixing mechanism in the 
sample solution.  
9.2.5 Time Required to Attain Equilibrium 
The equilibration time waited for the different investigators before sampling varies from 4 
hours (Schulien, 1987) to 340 hours (Strübel, 1966). As in the case of barite, Schulien 
(1987) carried out experiments in time intervals from 4 to 72 hours, concluding that the 
results did not vary after 4 hours, when equilibrium had been attained. Brower and Renault 
(1971) monitored the conductivity of the SrSO4-H2O system as a function of time to verify 
the attainment of equilibrium. According to them, equilibrium is reached in less than one 
minute by dissolution, but may be much slower by precipitation. Reardon and Armstrong 
(1987) approached the equilibrium from both super and undersaturation, increasing or 
decreasing progressively the temperature. This procedure was also followed by Lucchesi 
and Whitney (1962) for some of their measurements. Davis and Collins (1971) prepared all 
samples in duplicate to assure equilibrium. 
9.2.6 Temperature 
Davis and Collins (1971) used a heat lamp to slightly increase the temperature above a 
stabilized room at 25 ± 1°C. An oven was used by Strübel (1966), Jacques and Bourland 
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(1983), Schulien (1987) and Howell et al. (1992), to increase the temperature up to 90, 305, 
120 and 253°C, respectively. Some of the ovens were equipped with temperature controllers 
to keep the temperature as constant as possible (± 0.1°C for Jacques and Bourland, 1983, 
and ± 1°C for Howell et al., 1992). Reardon and Armstrong (1987) employed a water bath. 
Vetter et al. (1983) performed some measurements at room temperature, where no heating 
device or temperature controller was used. For the high temperature solubility 
determinations (up to 125°C), the solution was place inside a thermally insulated constant 
temperature heat box. Culberson et al. (1978) kept a constant temperature throughout the 
column by means of a water jacket and a proportional temperature controller to within ± 
0.05°C. Lucchesi and Whitney (1962) used a thermostat regulated at 25 ± 0.005°C for their 
solubility determinations at this temperature, while an ice-water bath was used for the 
measurements at -0.05°C. 
9.2.7 Pressure 
Only a few sources (Jacques and Bourland, 1983, Schulien, 1987, Howell et al., 1992) 
performed experiments at pressures larger than 1 atm or the saturation pressure of the 
solution. Howell et al. (1992) employed a pressure vessel connected to a high pressure 
pump. Jacques and Bourland (1983), and Schulien (1987) used two pressure vessels (one 
containing the solution and the other to filtrate under experimental conditions) and 
employed nitrogen as pressurizing medium. At the high temperature and pressure conditions 
measured, nitrogen solubility may be relatively high both in water and in NaCl solutions, 
and may have some influence on the results obtained. According to Sun et al. (2001), the 
solubility of nitrogen in water at 150°C and 400 bar (conditions measured by Schulien, 
1987) is 0.1386 m, while this value decreases to 0.0638 m at the same conditions for a 4 m 
NaCl solution. 
9.2.8 Filtration 
After equilibrium is obtained, separation of the liquid and solid phases under conditions as 
close as possible to those of the test is required. Howell et al. (1992) prevented the pass of 
solid particles into the sample using a coarse (40-60 µm) fritted glass filter mounted inside 
the reaction vessel. The size of the filter pore selected by Howell et al. (1992) is 10 times 
larger than in the rest of the literature on SrSO4 solubility in water and in NaCl solutions. 
Jacques and Bourland (1983) devised a two pressure vessel system where SrSO4 was 
dissolved to the saturation point in one vessel and then filtered under experimental 
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conditions to the second vessel. A very similar procedure formed also by two pressure 
vessels connected through a filter was used by Schulien (1987). The filter membrane used 
was a Millipore Fluoropore filter of 0.5 µm pore size. Davis and Collins (1971) used a 
double Whatman number 42 filter paper. The rest of the sources shown in table 9-3 do not 
report to have filtrated the samples. Vetter et al. (1983) did not use a filter, but allowed the 
solution to settle for some time, usually 24 hours.
9.3 Our Experimental Method 
An excess of crystalline powder BaSO4 was added to NaCl solutions, and the mixtures were 
heated up and pressurized. After agitating for the time required to attain equilibrium, the 
solution was filtrated under the experimental conditions and the samples were stored for 
analysis by inductively coupled mass spectrometry (ICP-MS). 
9.3.1 Materials 
Extra pure (97.5-100 %) finely powdered commercial barium sulphate (222515000 from 
Acros Organics) was used in the experiments. All water used was distilled water. 
Commercial sodium chloride (207790010 from Acros Organics) of 99.5 % purity was used. 
Due to the highly hygroscopic characteristics of sodium chloride, the powder was dried at 
100oC in an oven during 16 hours prior to its use and always placed inside a desiccator.  
9.3.2 Experimental Device 
The experimental device designed and built to carry out experimental determinations of 
BaSO4 and SrSO4 solubility in the systems NaCl-BaSO4-H2O and NaCl-SrSO4-H2O is 
shown in Figure 9-1.
The system is mainly formed by two high pressure vessels in series with two pumps, 
connected through a filter and placed inside an oven.
The pressure vessels (TOC3-20-HC276/Piston from High Pressure Equipment Company 
(HIP), http://www.highpressure.com) are tubular piston reactors made of Hastelloy C 276. 
This material is chosen in order to avoid corrosion problems found for 316 stainless steel 
(Jacques and Bourland, 1983, Howell et al., 1992). Each vessel is formed by a 20” long 
cylindrical body of ¾” internal diameter (ID) and 1½” outside diameter (OD), and two caps 
provided with Kelrez o-rings. The volume of the pressure vessels is selected according to 
DTU’s safety regulations (pressure-volume ratio limited to 200 bar L-1 for high pressure 
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equipment). The vessels can stand up to 300oC and 10000 psi. Figure 9-2 shows the cross 
section of a pressure vessel and a cap.
Figure 9-1. Experimental setup for the high pressure/high temperature solubility 
measurements 
The line filter (10-51AF4-5HC276 from HIP) is formed by four sintered stainless steel filter 
discs of 0.5 ?m pore size inserted in a body made of Hastelloy C 276, material also used for 
the end covers. It can stand up to 10000 psi. 
The oven (UT6420 from Heraeus) has a total volume of 375L, whit a chamber size 554 mm 
width, 1319 mm long and 522 mm depth. The oven is provided with a Digicon electronic 
temperature controller and digital display of the set point and the real temperature value. It 
allows excellent temperature uniformity (2%). The uncertainty in the temperature measured 
by the oven is ± 0.5oC.
The pumping system (ISCO pump 1 and ISCO pump 2 in figure 9-1) consists of a 
pressure/flow rate controller and a piston-driven pump module (D Series Syringe Pumps 
100DX from ISCO). The cylinders, pistons and caps are made of Nitronic 50, and the seals 
are manufactured of graphite-impregnated Teflon. The ISCO pumps can work in two 
different modes: constant flow and constant pressure. The pump is also supplied with two 
valves that can be handled to reverse the flow direction. In that way, each pump can either 
drive water to the pressure vessel or remove water from the pressure vessel. The uncertainty 
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in the pressure measured by the ISCO pump is ± 0.05 bar. The maximum pressure is 10000 
psi, while the flow can vary from 1·10-5 mL min-1 to 50 mL min-1. The pump capacity is 103 
mL. Additional readings (accuracy of 100 psi) of the pressure can be done in the two 
pressure gauges (4.5PG10 from HIP) placed in the line with each pressure vessel. 
Figure 9-2. Cross-section of piston high pressure vessel and cap 
The two valves located inside the oven (valves 4 and 5 in figure 9-1) are high temperature 
valves (30-11HF4-HT from HIP), standing up to 538oC and 30000 psi. The body is 
manufactured from high tensile type 316 stainless steel with grafoil packing. They are 
provided with an extension to remove the stuffing box away from the hot area of the valve, 
and allowing placing the handle outside the oven for an easier operation of the equipment. 
The valves placed outside the oven (valves 1 and 2 in figure 9-1; 30-11HF4 from HIP) work 
at room temperature and therefore do not need special features as the previous ones. The 
valve body is made of high tensile type 316 stainless steel and hardened 17-4PH stainless 
steel for the lower section stems. The packing includes 90 durometer Buna-nitrile O-ring. 
They can stand up to 30000 psi. 
The safety valves (Safety Head LPSH2-1/4A from BuTech Pressure Systems) are fitted 
with a rupture disc with a nominal burst pressure of 10000 psi (relief valves 1 and 2 in 
figure 9-1). Both the safety heads and the rupture discs are manufactured in 316 stainless 
steel.
1. Pressure connection 
2. Cover 
3. Cap 
4. “O” ring 
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6. Piston 
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All the additional components of the experimental device schematized in figure 9-1 (tubing, 
adapters, couplings, tees, etc.) were manufactured in 316 stainless steel. The tubing OD is 
¼”.
To provide agitation a pneumatic turbine-vibrator (NCT 10 from Copenhagen Vibrator 
Products ApS) is connected to the equilibrium vessel.  
9.3.3 Experimental Procedure 
Sufficient excess of powder barite was added to a NaCl solution of the desired 
concentration. After vigorous agitation, this sample was used to fill the equilibrium vessel. 
The dilution vessel was filled with a known amount of distilled water1. The tubing 
connecting both ISCO pumps with the vessels, and the tubing connecting both vessels and 
the filter is filled with water by pumping liquid from the ISCO pumps. This operation will 
assure an exact value of the filtrated volume, which could be erroneous if air is present in 
any of the mentioned pipes. The vessels are then transferred to the preheated oven chamber 
and properly screwed in both ends. Placing the vessels and the filtration system inside an 
oven will keep a constant temperature distribution. 
Valves 4 and 5 (see figure 9-1) are closed to assure no sample is passing from one vessel to 
another. The whole system is pressurized to the desired pressure by using ISCO pump 1 in a 
constant pressure mode and keeping valves 1 and 3 open. To provide mixing of the solution 
in the equilibrium vessel a vibrator was used. After allowing the sample to attain 
equilibrium the solution is filtered at the experimental temperature and pressure by driving 
liquid from the equilibrium vessel to the dilution vessel through a 0.5 ?m pore size filter. 
This operation requires the use of two ISCO pumps: ISCO pump 1 will work in the constant 
pressure mode, while ISCO pump 2 will work in the constant flow mode. Operating in this 
way, ISCO pump 1 will maintain a constant pressure by a positive displacement of the 
piston in the equilibrium vessel, while ISCO pump 2 will move the piston in the dilution 
vessel upwards, allowing the filtrated solution to be hold in the dilution vessel. To avoid 
water to bypass from one pump to the other, valve 1 must be closed during the filtration. A 
schematic diagram of the filtration procedure is shown in figure 9-3. 
Once the desired volume of sample has been filtered, the pressure is decreased to 1 atm and 
the system cooled down to room temperature before taking the sample out and storing it for 
a later analysis. Precipitation as a consequence of the changes in both temperature and 
1 NaCl solution substitutes distilled water in the filtration reactor when dilution with the available volume of 
water is not enough to avoid barite precipitation when decreasing the experimental temperature and pressure to 
room conditions. 
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pressure is avoided due to the dilution process taking place in the dilution vessel. Previous 
calculations determine the maximum filtration volume allowed to assure precipitation will 
not take place when the experimental conditions are changed to atmospheric pressure and 
room temperature. 
Figure 9-3. Filtration process 
9.3.4 Experimental Uncertainties
The temperature was measured within ± 0.5oC, and the uncertainty of the experimental 
pressure was ± 0.05 bar.
The uncertainty associated with weighing starting materials (NaCl) during sample 
preparation is ± 0.05 mg. The volume of NaCl sample prepared was always 1 L, and thus 
the largest error, corresponding to the lowest NaCl concentration employed (0.1 M) is ± 
8.6·10-4 %.
The uncertainty related to the weight of the distilled water used to fill in the dilution vessel 
is ± 0.5 mg. That uncertainty is translated into absolute deviation values for barite 
concentration within the range 10-11 to 10-10 m. The highest deviation found for all the 
measurements performed is 2.72·10-10 m BaSO4 (± 3.1·10
-4 %), a value low enough to be 
neglected. For NaCl solubility determinations, the absolute deviation is found within the 
range 4.7·10-5 to 6.6·10-5 M (molarity). 
The uncertainty associated to the filtration volume is ± 0.005 mL, which results in absolute 
deviations for the concentration of BaSO4 of the order of 10
-8 m. The highest absolute 
deviation found is 8.54·10-8 m BaSO4, a value that can be neglected if we take into account 
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the measured concentrations are of the order of 10-5 m. For NaCl solubility determinations, 
the absolute deviation is found within the range 1·10-3 to 2.3·10-3 M. 
The standard deviations and variation coefficients associated to the ICP-MS determinations 
are given in tables aIII-1 to aIII-3 in Appendix III.  
9.4 Analytical Technique: Inductively Coupled Plasma Mass Spectrometry
The determination of barite solubility is a rather complex task due to the difficulty of 
finding a reliable analytical technique able to measure accurately so low concentrations. 
Any colorimetric/gravimetric/titration technique, or any technique involving the 
measurement of masses and/or volumes must be rejected, as it will very likely imply large 
experimental errors. Barite solubility in water is of the order of 10-5 m, while barite 
solubility in NaCl solutions is of the order of 10-4 m. Moreover, in order to avoid 
precipitation when the experimental temperature and pressure are brought to atmospheric 
conditions, high dilution rates are required. Thus, the final concentrations to be measured 
may be well below 1 ppm (and therefore, the detection limit of the analytical technique 
should be at least 10 times lower). 
Vetter et al. (1983) studied the accuracy of atomic absorption (AA), atomic emission (AE) 
and liquid scintillation counting (LSC) in the determination of SrSO4 concentrations. They 
prepared solutions of known amounts of Sr2+ in distilled water and in solutions of NaCl, 
MgCl2 and CaCl2, and analyzed them by AA, AE and LSC. They concluded that AE is 
consistently inaccurate and, thus, unreliable. The same conclusion is supported by Davis 
and Collins (1971) when studying BaSO4 solubility. 
According to Vetter et al. (1983), the AA method gave systematically low values of 
strontium concentration, with a relative deviation with respect to their standards as high as 
16%. This value is expected to be even larger for barite due to its lower solubility. 
Rollemberg and Curtius (1982) used flameless atomic absorption to determine barium in 
natural waters, after separating it from the interfering ions by ion-exchange 
chromatography. The relative deviation was over 10% for most of the measurements, and 
reached 20% for 100 ppm samples, even though the detection limit of the device used was 9 
ppm. Roe and Froelich (1984) determined barium with a precision about ± 13% by graphite 
furnace atomic absorption, with a detection limit of 0.6 ppm. 
Vetter et al. (1983) state high accuracy can be obtained in SrSO4 determinations by LSC. 
Nevertheless, Davis and Collins (1971) measured the sulphate concentration of a 
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radioisotope-tagged (35S) solution of precipitated BaSO4 by LSC, resulting in a low 
reproducibility (± 20%) 
All the problems found in the literature for AA and AE, together with the capabilities found 
at DTU, made us choose ICP-MS to determine our BaSO4 concentrations. 
9.4.1 Introduction 
Inductively coupled plasma mass spectrometry (ICP-MS) is widely used for trace (ppb-
ppm) and ultra-trace (ppq-ppb) elemental analysis. ICP-MS has become the most prominent 
MS technique due to its extremely low detection limits (see figure 9-4) for the majority of 
the elements and its multi-element capability (Stuewer and Jakubowski, 1998). Since 1983, 
when the technique was made commercially available, ICP-MS devices have been used 
worldwide in many different application areas such as environmental, geochemical, 
medical, nutritional, nuclear, chemical, metallurgical, etc. ICP-MS has clear advantages 
when compared to other spectroscopic techniques (flame atomic absorption, inductively 
coupled plasma optical emission spectrometry, emission atomic absorption): It can be used 
for multi elemental analysis of solid, liquid and vapour samples; it is fast (it can determine 
all the elements in about six minutes); it has lower detection limits (see figure 9-4) and a 
larger linear interval than any other spectroscopic technique; and it can be used for isotopic 
analysis. 
Figure 9-4 shows the detection limits achievable by a quadrupole-based ICP-MS device. 
Figure 9-4. Approximate detection limits achievable by ICP-MS 
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9.4.2 Principles of Operation 
There is a wide range of commercial ICP-MS systems with different capabilities, strengths 
and limitations. Nevertheless, most of them are formed by nebulizer, spray chamber, plasma 
torch, MS interface, ion lenses, mass separation device and ion detector. The schematic 
diagram of a typical ICP-MS instrument is shown in figure 9-5. The sample, which is 
generally a liquid, is pumped into a nebulizer where aerosol is generated. The finest droplets 
are selected by means of a spray chamber, and transported into the plasma, where the 
sample follows different processes as it travels: vaporization, atomization and ionization. 
Most of the ions generated are positively charged due to the removal of one electron from 
the outer shell of the atom by the energy (heat) applied from a plasma discharge. The ions 
are then transported into the mass separation device passing through an interface which 
allows a gradual change of pressure from atmospheric conditions to the vacuum required by 
the mass spectrometer. The current of ions is focused by different ion lenses and 
transformed into an electrical signal in the ion detector after proper separation in the mass 
spectrometer. 
Figure 9-5. Schematic of and ICP-MS system 
9.4.2.1. Sample Introduction
The sample containing the analyte of interest may be introduced in the torch as a gas or as 
aerosol of fine droplets or solid particles. The fine aerosol generation is achieved by a 
nebulizer followed of a spray chamber for droplet selection. In the nebulizer, the liquid 
sample is broken up into fine aerosol. Figure 9-6 shows a pneumatic nebulizer, where the 
mechanical force of a gas flow (generally argon) is used to generate a droplet dispersion of 
the analyte solution (Thomas, 2001). Alternative pneumatic nebulizer designs are available 
in the market to fulfil different requirements (e.g., high TDS or small sample volume).  
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Figure 9-6. Pneumatic cross-flow nebulizer 
Once the aerosol is formed in the nebulizer, the finest droplets (smaller than 8 ?m in 
diameter, representing 1-2% of the total aerosol) are selected by a spray chamber. The most 
common spray chamber is the so-called double-pass or Scott chamber. The aerosol enters 
through a central tube and runs through the whole length of the chamber. The largest 
droplets fall due to gravity forces and will be removed through a drain tube, while the finest 
droplets pass to the space between the central tube and the outer wall and are transported to 
the torch.  
9.4.2.2 Torch and Plasma
The system to generate the plasma is formed by a torch and a copper coil supplied by a 
radio frequency (RF) power (typically 750-1500 W). The RF passing through the coil will 
generate an intense electromagnetic field. Then, a high voltage spark from a Tesla coil 
causes some electrons of the flowing argon to be removed from their atoms. The electrons 
are accelerated by the magnetic field and crash against new argon atoms stripping off more 
electrons. The chain reaction will continue and will transform the gas into atoms, ions and 
electrons forming a high temperature plasma discharge (around 10000 K), which is 
maintained by the continuous RF supply.  
The sample aerosol is driven at a very high velocity to the plasma, creating a hole or 
channel in the centre of the plasma. Then, the sample undergoes different physical changes 
as it travels through the different temperature zones of the plasma. These changes can be 
seen in more detail in figure 9-7. The first step is desolvation of the droplet, which becomes 
a solid microparticulate. Then the solid is vaporized and passes into a gaseous form, and 
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afterwards atomization takes place. The ground-state atoms will collide with argon electrons 
and will be transformed into positive ions.  
Argon is the most common gas used to sustain the ICP. It has a high first ionization energy 
(16 eV), and therefore it is very convenient to ionize most of the elements of the periodic 
table, with ionization energies in most of the cases below 10 eV (corresponding to > 50 % 
ionization). At the same time, it also has a very high second ionization energy (27 eV), 
resulting in a very low population of Ar+2 ions. Nevertheless, different gases may be used 
for plasma generation, and it has been noticed that mixtures of argon and N2, Xe, or H2 may 
substantially reduce certain polyatomic ions (Jarvis et al., 1992).  
Figure 9-7. Physical changes experienced by the sample through the torch 
9.4.2.3 Interface Region
Once the positively charged ions are generated in the plasma, they are conducted to the 
mass spectrometer, which works at high vacuum (10-4-10-6 torr). As the plasma is generated 
under atmospheric pressure, a middle step is required in order to efficiently transport the 
ions keeping electrical integrity. This is the purpose of the interface region. It is formed by 
two metallic cones (sampler cone and skimmer) with very small orifices in the centre, and 
maintained at a vacuum of about 1 Torr.  
9.4.2.4 Ion Focusing System
After the ions leave the skimmer, they must reach the mass separation device. Ion lenses 
placed between the skimmer cone and the mass spectrometer (ion optics) are used to focus 
and transmit the ion beam. The ion optics consists of a group of metallic plates, barrels or 
cylinders associated to different voltages. Their purpose is to focus the ions and to reject 
particulates, neutral species and photons from reaching the mass analyzer and detector.  
In many devices a grounded metal disc is placed right after the skimmer in order to stop 
particulates, neutral species and photons, while the ions are able to move around it and go 
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on their way to the mass analyzer. Another option to get rid off undesired species is to place 
the mass analyzer below or above the central stream axis, so only the desired focused ions 
are in the same axis as the analyzer (see figure 9-8).  
Figure 9-8. Ion lenses diagram 
9.4.2.5 The Mass Analyzer
After the ions emerge from the ion optics, they pass to the mass separation device and are 
separated according to their mass to charge ratio. Its objective is to allow analytes of a given 
mass to charge ratio to pass through the separation device and enter the detector, while the 
non-analyte, interfering and matrix ions are filtered. 
The most used mass analyzer is the so-called quadrupole. It is formed by four metal rods or 
metal surfaces forming a squared cross section. A diagram of this configuration is shown in 
figure 9-9. A direct current (DC) is applied on one pair of opposite rods, while a radio 
frequency field (RF) is applied to the other pair. If the current values are selected properly, 
only ions of a given mass to charge ratio will have a stable path through the rods and will 
emerge at the end of it (red ion in figure 9-9). The rest of the ions will strike the rods and be 
nebulized, or will pass through the rods space. In any case, those ions will be lost and will 
not reach the detector. Then, the scanning process is repeated for a different analyte with a 
different mass to charge ratio, and the process goes on until all the analytes of interest have 
been scanned.
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Figure 9-9. Quadrupole mass spectrometer 
9.4.2.6. Ion Detector
After the desired mass to charge ratios to analyze have been separated in the previous step, 
the ions must be counted and transformed into an electrical signal in order to be able to 
determine the element concentration. The channeltron electron multiplier is an open glass 
cone coated with a semiconductor material, having the capability of generating electrons 
from a hitting ion. The upper part of the cone is biased to a negative potential of around -
3kV, while the back part of the device near the collector is kept at ground. Therefore, the 
resistance of the coating varies with the position. When a positive ion leaves the mass 
analyzer it is attracted to the negative potential at the mouth of the channeltron and hits this 
surface. As a consequence, one or more secondary electrons form, and they move down the 
tube due to the potential gradient. In their way down the tube, these secondary electrons 
strike new areas of the coating surface, and more secondary electrons are emitted. The 
process is repeated many times and the result is a discrete pulse formed by many millions of 
electrons (108) (Jarvis et al., 1992). This pulse is conducted to a pre-amplifier where it is 
detected, and to a digital discriminator and counting circuit, where the pulses above a 
certain amplitude are counted.  
9.4.3. Interferences in ICP-MS 
The interferences in ICP-MS can be divided into spectroscopic interferences and non-
spectroscopic interferences, or matrix effects. The first type of interferences may be also 
divided in four different subgroups: isobaric overlap, polyatomic ions, refractory oxide ions 
and doubly charged ions. The matrix effects can also be divided into two subgroups: 
DC
RF
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Suppression and enhancement effects, and physical effects caused by high total dissolved 
solids.
9.4.3.1 Isobaric Overlap
The isobaric overlap is found when the sample to analyze contains two elements which have 
isotopes of the same mass to charge ratio. Actually, the mass to charge ratio of those 
isotopes may differ, but in a very small quantity which cannot be resolved by the 
quadrupole mass analyzer. The use of a high resolution mass analyzer may solve this 
problem and discriminate between very small differences in mass to charge ratios. 
This kind of interference is only found for mass to charge ratios above 36, and they increase 
for low masses, while are not frequent for high masses. There are overlaps with the plasma 
gas (generally Ar) and the impurities it contains (Xe, Kr). The most abundant isotope of 
argon is 40Ar (99.6%), making the determination of either 40Ca (96.9%) or 40K (0.01%) 
impossible. 
Isobaric overlaps can be avoided by choosing another isotope of the element free of 
interferences. If this is not a possibility (there is no isotopes free of interferences or the 
natural abundance is too low) mathematical corrections using another isotope (free of 
interferences) of the interfering element may be applied. For example, the determination of 
204Pb in the presence of Hg will be interfered by 204Hg. A correction based on the isotope 
201Hg, which is free of interferences, may solve the problem: 
204Pb = Total signal – 201Hg.(6.7/13.8)               (9-1)
where 6.7 and 13.8 are the natural abundances in weight percentage of 204Hg and 201Hg,
respectively. 
9.4.3.2 Polyatomic Ions
Polyatomic ions result from the combination of two or more atomic species (e.g., NOH+,
Ar2H
+). They are the most important type of interference, although in practical analysis 
there are relatively few serious interference effects if care is taken in the sample preparation 
process. They are generally formed by the combination of argon, hydrogen and oxygen (the 
most abundant species in the plasma) among them or with any other element present in the 
sample (e.g., 40Ar40Ar, 40Ar16O, 40Ar1H). Polyatomic ion peaks are only significant up to a 
mass to charge ratio around 82.  
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The amount of polyatomic ions depends on many factors, being the most important ones the 
geometry of the extraction system, operating parameters for plasma and nebulizer systems, 
and the characteristics of the sample. 
For this type of interference mathematical corrections are not a reliable solution as 
polyatomic ion peaks may be relatively large compared to the analyte contribution. 
Therefore, whenever possible, the selection of another isotope not interfered by polyatomic 
ions is preferred, even though the natural abundance of such isotope is low. 
Many of the polyatomic ion interferences contain oxygen and/or hydrogen originated from 
the dissociation of vapour water from the solution. To reduce such interferences it is 
necessary to reduce the population of both oxygen and hydrogen ions. This may be 
achieved by decreasing the temperature in the spray chamber with a cooling system. 
9.4.3.3 Refractory Oxides
Refractory oxides result from the incomplete dissociation of the sample matrix or from a 
recombination of ions in the plasma tale. The consequence is refractory oxides of the type 
MO+, MO2
+ or MO3
+, interfering 16, 32 and 48, respectively, mass units above the M+ peak. 
For the majority of elements the ratio MO+/M+ is lower than 1.5%, while the ratio MO2
+/M+
is lower than 0.002%. Generally, the appearance of refractory oxides is determined by the 
monoxide bond strength of the element, being the formation of MO+ favoured for the 
highest oxide bond strength.
The percentage of refractory oxides can be minimized by optimizing the radio frequency 
power (higher power will break more oxides) and the nebulization flow (determines the 
location in the axis at which dissociation of the molecules is complete). 
9.4.3.4 Doubly Charged Ions
The big majority of ions generated in the plasma are of type M+, although doubly charged 
ions may also be formed. The presence of M2+ will be determined by the second ionization 
energy of that element and by the operation conditions of the plasma. Only elements with a 
second ionization energy lower than the first ionization energy of the plasma gas (16 eV in 
the case of Ar) will generate M2+ ions. These elements are alkaline earths, rare earths, and 
some transition metals. The nebulizer flow can also influence on the amount of doubly 
charged ions. If the flow is too low, the plasma temperature will increase resulting in a 
larger amount of M2+. Generally, the amount of doubly charge ions is lower than 1 %. 
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The consequence of the appearance of M++ ions is the decrease in the M+ signal, and the 
possibility of isobaric overlaps in m/2. When alternative isotopes cannot be used, some 
corrections will be needed in order to minimize these interferences. 
9.4.3.5 Physical Effects Caused by High Dissolved Solids
The use of ICP-MS is limited to samples containing small amounts of dissolved solids. 
Solutions with a TDS content above 500 mg L-1 cause a considerable signal drift over short 
periods of time. Moreover, the nebulizer and sampling cones are easily blocked by the 
solids due to their small orifices. For these reasons, samples containing more than 0.2 % of 
TDS are not recommended for ICP-MS analysis under continuous flow. Working with 
transient signals the amounts of solids can be increased up to 2-3 %. 
The signal drift experienced at the beginning as a consequence of solid deposition on the 
cones can be reduced if a similar solution is employed for 20 minutes previous to the 
analysis. Operating in that way the signal will be more stable and some corrections may be 
applied to reduce this effect. The signal drift can be corrected by using internal standards. 
9.4.3.6 Suppression and Enhancement Effects
Suppression and enhancement effects result from a high concentration of easily ionized 
elements in the sample. The causes generating them are not very clear, although many 
investigators think they appear due to changes in the flux and composition of the ion beam. 
Such changes appear as a consequence of space charge effects around the skimmer area. 
The final result is suppression (generally) or enhancement of the signal, being the effects 
more pronounced for light elements than for heavy ones. 
Non spectroscopic interferences are difficult to quantify and to control. A previous scan of 
the sample is recommended in order to have a closer knowledge of the sample and to find 
out possible interferences. Some possibilities to decrease their effects are: 
o Dilution of the sample to decrease the TDS below 0.2 % (or 2% when working with 
transient signal) 
o Internal standards with similar mass and ionization energy to that of the analyte in 
order to control the signal drift 
o Instrumental optimization 
o Standard addition calibration techniques
o Separation of the analyte from the matrix (ion exchange separation, co-precipitation) 
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9.5 Results 
9.5.1 Time Required to Achieve Equilibrium 
The first set of experiments performed was devoted to estimate the time required to achieve 
equilibrium for the BaSO4-NaCl-H2O system at the slowest conditions (lowest temperature, 
pressure and NaCl concentration to be measured: 50ºC, 100 bar and 0.1 m). Once this time 
is determined, experiments covering the temperature range 50-250ºC, the pressure range 
100-600 bar, and the concentration range 0.1-6 m NaCl can be carried out. 
To determine the equilibrium time, 17 experiments in 0.1 m NaCl solutions were carried out 
at 50ºC and 100 bar, keeping those conditions constant for different periods of time. In 
order to check the reproducibility of the results, some of the experiments were repeated up 
to 3 times. The final samples were analyzed by ICP-MS, and the ICP-MS results were 
corrected for the dilution process in order to get the real concentration of BaSO4 in the 
original sample. Eight different standards of 50, 100, 150, 200, 500, 1000, 1500 and 2000 
ppb of barium in pure water were used for calibration, together with a blank solution 
containing no barium. Those standards covered the whole concentration range to be 
measured. The calibration curves are shown in figure aIII-1 in Appendix III. Four isotopes 
of barium (135Ba, 136Ba, 137Ba and 138Ba) were followed, the final results being the average 
of all of them. Each measurement was repeated five times. The results are given in table 
aIII-1 in Appendix III. In order to cross-check the ICP-MS results, a commercial standard 
containing 100 ppb of barium along with other components is used.  
The results obtained for the first set of experiments are given in figure 9-10. In order to 
study the influence of the agitation process in the final time required to achieve equilibrium, 
two different sets of experiments were performed: Using vibration during the whole 
experimental run (blue triangles), and using a combination of vibration for a time reported 
in figure 9-10, plus 16 h (red circles) or 44 h (green square) without any kind of agitation. 
The measurements performed by Templeton (1960) and Strübel (1967) at 50ºC, 0.1 m NaCl 
and 1 atm are included for comparison.  
Figure 9-10 does not show the expected increasing barium concentration with time for low 
time values, and a plateau from a certain time corresponding to equilibrium. Therefore, it is 
not possible to determine the equilibrium time from these results. Moreover, the 
concentration measured for the 100 ppb Ba2+ commercial standard is 219.6 ppb, and thus 
corresponding to a residual deviation of 119.6%. No clear explanation has been found for 
this extreme inaccuracy, since the device was calibrated for the whole range of 
concentrations measured, and the calibration curves show a nice linearity with R2
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coefficients above 0.999 in all the cases. The large errors could be related to the different 
matrix used in our samples (around 0.1 % NaCl) and in the commercial standard. 
Nevertheless, this is not a very likely explanation, since both matrices are simple, and a 
tuning of the ICP-MS device is performed prior to the measurements, using a standard 
containing different elements covering the whole range of masses. Therefore, the setup 
should be prepared to measure accurately any component, independently of its mass to 
charge ratio and the matrix (provided that its salinity is below 2-3 %). 
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Figure 9-10. Barium concentrations after different running times. Red circles represent 
experiments where the sample was vibrated for X hours, and kept at constant T and P for 
another 16 hours. Blue triangles represent experiments where the sample was vibrated for X 
hours and filtrated directly afterwards. Green squares represent experiments where the 
sample was vibrated for X hours, and kept at constant T and P for another 44 hours. 
Due to the unreliable results obtained in figure 9-10, some of the previous ICP-MS 
measurements were repeated. In order to resemble the experimental samples, the new 
standards (400, 800 and 1200 ppb of Ba2+) were prepared in 0.1% NaCl instead of pure 
water, and the blank was a 0.1% NaCl solution. Calibration curves for the different isotopes 
are shown in figure aIII-2 in appendix III. Three additional standards of 100, 500 and 1000 
ppb of Ba2+ in 0.1% NaCl were prepared to cross-check the results, together with the 
commercial standard (100 ppb) used previously. The new measurements are reported in 
table a3-II in Appendix III. Figure 9-11 compares the new results (DTU_2) with the 
previous ones (DTU_1).
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Figure 9-11. Barium concentration from ICP-MS measurements for different running times. 
DTU_1 refers to the first measurements (reported in table aIII-1 in Appendix III), while 
DTU_2 refers to the second ICP-MS measurements on the same samples (reported in table 
aIII-2 in Appendix III). 
It is clear from figure 9.11 that the analytical technique used is not reliable, and the results 
are affected by a random error. Only for one of the samples measured (16 h), the values 
obtained from both analysis agree. The rest of the points are characterized by extreme 
deviations. Moreover, the measured values for the 4 different standards used as tests 
evidence the inaccuracy of the measurements. Table 9-5 shows the real and measured 
values for those standards, together with the %RD, always above 27%, and reaching up to 
90%.
Table 9-5 
Real and measured standard’s concentrations by ICP-MS 
Real concentration (ppb) Measured concentration (ppb) % RD
100 162.5 62.5
500 659.7 31.9
1000 1277.8 27.8
100 190.3 90.3
After measurements failed twice in the ICP-MS device located at the Chemistry department 
of DTU, and with no clear explanation about the causes of the failure, it was decided to use 
an alternative ICP-MS device to clarify whether the equipment was the source of the error. 
All the 17 samples were sent to a certified laboratory (Steins Laboratorium A/S) to be 
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measured by ICP-MS. Among the samples, 4 standards of 500, 1000, 1500, 2000 and 2500 
ppb Ba2+ in 0.1 % NaCl were included to cross-check the results. The values reported by the 
laboratory for the samples and standards are given in table aIII-3 in Appendix III. Figure 9-
12 compares the new laboratory results with measurements performed at DTU. Again, the 
same inaccuracy and extreme deviations between the different data is observed. The highest 
deviation is found for the measurements after 12 hours, where the concentration ranges 
from 6.3·10-5 m to 1.5·10-4 m. 
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Figure 9-12. Comparison of different ICP-MS measurements  
The results reported by the laboratory for the prepared test-standards are given in table 9-6. 
Those result evidence the lack of reliability of the analytical technique for our particular 
case, since the lowest residual deviation is around 20%, while the highest RD value is above 
100%. The laboratory assures to have used two NIST certified reference solutions to check 
the measurements, obtaining good results (also reported in table 9-6). We cannot find an 
explanation to this behaviour, unless the different matrix in samples and reference solutions 
plays an important role in the different values obtained. It is addressed that high salinity 
solutions involve problems and signal drifts in ICP-MS measurements, but that should not 
be the case for dilute concentrations (the NaCl content in our samples ranges from 0.05 to 
0.1 %).
The experimental conditions, filtration volumes and dilution masses used in experiments 1 
to 17, together with the calculated BaSO4 concentration from the ICP-MS measurements is 
reported in tables aIII-4 and aIII-5 in Appendix III. 
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Table 9-6 
Real and measured standard’s concentrations by ICP-MS by Stein Laboratorium A/S 
Real c (ppb) Measured c (?g L-1) Measured c (ppb) % RD
500 1100 1097 119.5
1000 1600 1596 59.6
1500 2000 1995 33.0
2000 2400 2394 19.7
2500 3700 3691 47.7
148.0a 144.5 144.5 -2.4
544.2b 522.4 522.4 -4.0
a NIST 1640 certified reference solution 
b NIST 1643 certified reference solution 
In a final attempt to obtain reliable results, the technique of inductively coupled plasma 
optical emission (ICP-OES) was tested. Five different samples (reported in table 9-7) were 
analyzed. In order to determine the reproducibility of the technique, numbers 1 and 2 
correspond to the same sample (experiment 13 in table aIII-1 in Appendix III). Numbers 3 
and 4 are standards containing 500 and 1500 ppb Ba2+ in 0.1% NaCl. To tackle the possible 
influence of the NaCl matrix, a standard of the same concentration as number 4 (1500 ppb) 
but using pure water instead was also examined. Unfortunately, the results show again a 
large disparity between the measured and actual concentrations. The outcome for standards 
4 and 5 is rather close, and evidences that matrix effects are not the explanation to the 
inaccurate results. Moreover, the concentrations for 1 and 2 should be equal, since both 
correspond to the same sample, but contrary to that, they differ with almost 200 ppb. Such 
discrepancy shows that the technique is not reliable for our purpose, regardless of the 
matrix. 
Table 9-7 
ICP-OES measurements 
Number Real c (ppb) Measured c (ppb)
1  1770
2  2010
3 500 1050
4 1500 2040
5 1500 1960
New measurements were not performed due to the lack of time and capabilities. Internal 
standards could have been used to examine the influence of the matrix on the final results, 
although this is not believed to be the problem. Matrix effects should affect in the same 
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manner number 1 and 2 in table 9-7, but this is not the case. Therefore, an alternative source 
of error must account for such disparity. 
After the unfruitful results obtained for barite solutions, our experimental setup was tested 
with NaCl solutions in order to demonstrate it is capable of determining the solubility of 
salts at high temperatures and pressures.
9.5.2 Validation of the Setup 
The experimental procedure and setup were validated by measuring sodium chloride 
solubility at high temperature and pressure. A salt with a high solubility in water was 
chosen in order to avoid the analytical problems found for barite. The NaCl concentration 
was determined by titration with AgNO3. 
The first step in the validation of the setup was determining the time required to reach 
equilibrium for the binary NaCl-H2O system. For this purpose, different experiments at 
30ºC and 1 atm were performed, for different running times. Figure 9-13 shows the NaCl 
concentration behaviour against the experimental time, along with some experimental data 
available in the literature for comparison.  
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Figure 9-13. Determination of the equilibrium time for the system NaCl-H2O at 30ºC and 1 
atm with agitation (vibration). M refers to molarity. 
Figure 9-13 shows a steep increase in NaCl concentration for the low time values, while it 
reaches a plateau for times above around 30 minutes. When comparing our results to those 
published by Moeller (1862), Bathrick (1896), Akhumov and Spiro (1954) and Szufarski 
Chapter 9:                                                       BaSO4 Solubility in NaCl at High Temperature and Pressure 
Measurement and Modelling of Scaling Minerals 206
and Pischinger (1962) at the same experimental conditions, a general agreement is 
observed. Therefore, it can be concluded that the system NaCl-H2O at 30ºC and 1 atm 
reaches equilibrium after 60 minutes of vibration. This time is expected to be lower when 
temperature is raised.  
If no agitation is used, the NaCl concentration increases much slowly with time, as observed 
in figure 9-14. In this case, more than seven hours are required to guarantee equilibrium. 
2.5
3.0
3.5
4.0
4.5
5.0
5.5
0 2 4 6 8 10 12 14 16 18 20 22 24
Time (h)
N
aC
l (
M
)
Szufarski and Pischinger (1962)
Bathrick (1896)
Akhumov and Spiro (1954)
Moeller (1862)
Our results
Figure 9-14. Determination of the equilibrium time for the system NaCl-H2O at 30ºC and 
1atm when no agitation is used. M refers to molarity. 
To make sure all our experimental values correspond to equilibrium conditions, vibration 
was used for a minimum of two hours for each determination.  
The next step in the validation of the setup was comparing our results with available 
literature data. Measurements of sodium chloride solubility at high pressure are not very 
abundant. A more detailed explanation about the experimental conditions and number of 
measurements found in the literature on the solubility of sodium chloride in pure water at 
pressures larger than the atmospheric pressure is reported in table 6-1 in Chapter 6. Three 
sources (Cohen et al., 1911, Sill, 1916, and Adams and Hall, 1931) report NaCl solubility 
data at high pressure and temperatures in the range 24 to 30ºC which are in close agreement 
with each other. Thus, we performed different experiments at 30ºC and different pressures 
in order to compare our results to the available data. The experimental conditions and 
calculated solubilities are reported in table aIII-8 in Appendix III. Figure 9-15 shows the 
values for the NaCl solubility in pure water at 30ºC and pressures ranging from 1 to 400 atm 
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obtained from our experimental measurements, along with experimental data available in 
the literature and calculations by the extended UNIQUAC model. All the sources show a 
close agreement among them, and also with our new values and the model calculations. 
Therefore, it is proven our setup is capable of replicating available published data.
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Figure 9-15. NaCl solubility (in molarity) in pure water at 30ºC 
The reproducibility of the results was studied at 100ºC and different pressures, especially at 
500 bar. The experimental conditions were chosen in order to demonstrate results are 
reproduced not only at low temperature and pressure, but also at more complex 
experimental conditions. Figure 9-16 shows the determination of sodium chloride solubility 
in pure water at 100ºC and different pressures. Extended UNIQUAC calculations are also 
reported. No data at 100ºC or similar and pressures larger than 1 atm were found in the 
literature, and therefore only one point at atmospheric pressure is given. The point 
corresponds to the average solubility value out of 22 sources found in the literature. The 
experimental conditions used, titration volumes and calculated results are reported in table 
aIII-9 in Appendix III.
The reproducibility of experiments at 100 and 300 bar is very good, with a variation 
coefficient (CV, equation aIII-1 in Appendix III) as low as 0.21 and 0.83 %, respectively. 
This accuracy is not so high at 500 bar, where the variation coefficient increases to 4.84 %. 
Nonetheless, the value is low enough to demonstrate experiments can be reproduced, and 
the experimental setup can be used to accurately determine salt solubility at high 
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temperature and pressure. The agreement of our experimental solubilities with extended 
UNIQUAC calculations is also remarkably good. 
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Figure 9-16. NaCl solubility (in molarity) in pure water at 100ºC 
After analyzing the results shown in figures 9-15 and 9-16 it seems clear the experimental 
setup developed is capable of determining salt solubility at high temperature and pressure. 
The problems encountered when studying barite are therefore related to inaccuracies in the 
analytical technique. 
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10. Conclusions 
The solubility of sparingly soluble salts found in natural waters has been studied in 
connection to the problem of scale formation found in geothermal and oilfield operations.  
The extended UNIQUAC model presented by Thomsen and Rasmussen (1999) has been 
chosen to calculate aqueous phase activity coefficients, while the Soave-Redlich-Kwong 
equation of state is used to calculate fugacities in the gas phase. The model has been 
improved by the addition of two parameters in order to account for the pressure dependency 
of solubility. The extended UNIQUAC model has been chosen over other alternatives due 
to its excellent relationship between accuracy and simplicity. It only requires two 
parameters per species, plus two parameters per species pair, while the temperature 
dependency is accounted for in the model equations. The figures presented through this 
thesis show that the extended UNIQUAC model is capable of giving accurate results even at 
very high temperatures and pressures. Most of the data used for the parameter estimation 
could be reproduced by the model within the experimental accuracy. 
More than 7000 SLE measurements have been collected, covering a wide range of 
temperature (up to 300oC), pressure (up to 1000 bar) and concentrations up to saturation. 
All these data have been analyzed prior to their use, and those found to be unreliable have 
not been used for parameter estimation. Unknown parameters for the species CO2(aq), H
+,
Na+, Ba2+, Sr2+, Ca2+, Mg2+, Cl-, OH-, SO4
2-, CO3
2- and HCO3
-, and for their interactions, 
have been estimated on the basis of those SLE data. 
The extended UNIQUAC model with the new parameters has been used to calculate 
vapour-liquid, solid-liquid, and speciation equilibria in systems found to form scale in 
geothermal and oilfield operations. The scaling minerals CaSO4, CaSO4·2H2O, SrSO4,
BaSO4, CaCO3, BaCO3, SrCO3, MgCO3, MgCO3·3H2O, MgCO3·5H2O, Mg(OH)2, and 
3MgCO3·Mg(OH)2·3H2O have been studied. 
The validity of the model has been demonstrated by performing solubility calculations for 
different scaling minerals in natural waters. The model has been implemented in the 
computer program SPECS developed at IVC-SEP. This program has been employed to 
determine solubility indices of complex electrolyte solutions of high ionic strength up to 
high temperatures and pressures. The match of our results with field observations, and the 
agreement with other sources, makes us confident about the reliability of the extended 
UNIQUAC model. 
Chapter 10:                                                                                                                                        Conclusions 
Measurement and Modelling of Scaling Minerals 212
The simplicity of the model, together with the good performance obtained for all the 
systems investigated, make our model an appropriate choice as a tool to study scale 
formation. As the model only contains binary interaction parameters, it can be applied to 
any multicomponent system for which the binary parameters are known. 
The experimental part of the Ph.D. project was intended to complete the gaps found in the 
literature reporting barite solubility in NaCl solutions. In this context, alternative 
experimental procedures have been addressed and evaluated. An experimental setup to 
determine salt solubility at high temperature (up to 300ºC) and pressure (up to 10000 psi) 
has been designed and built. The setup has been validated performing measurements of 
sodium chloride solubility in pure water at 30 and 100ºC, and different pressures. 
Experiments have also been carried out for BaSO4-NaCl-H2O solutions at 50ºC and 100 bar, 
in order to determine the time required by that system to attain equilibrium. Problems with 
the analytical techniques employed (ICP-MS and ICP-OES) have resulted in unreliable data 
and in the impossibility to further study the system BaSO4-NaCl-H2O.
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Appendix I: Helgeson’s and Bromley’s Models 
In this section, I will briefly present the thermodynamic models developed by Helgeson 
(Helgeson, 1967, 1969, Helgeson and Kirkham, 1974a, b, 1976; Helgeson et al., 1978, 
1981, Shock and Helgeson, 1988, Johnson et al., 1992) and Bromley (1973). Both models 
were studied at the very beginning of this Ph.D. project in order to address their 
applicability to calculate and predict the solubility behaviour of scaling minerals in 
multicomponent solutions at high temperature and pressure.  
Helgeson Model  
Helgeson calculated successfully thermodynamic and transport properties of aqueous 
species at temperatures up to 1000oC and pressures up to 5 kbar. A detailed description of 
the equations developed can be found in Shock and Helgeson (1988).
Standard States 
o Minerals and pure liquids: Unit activity of the pure component at all pressures and 
temperatures. 
o Gases: Unit fugacity of the hypothetical ideal gas at 1 bar and any temperature. 
o Aqueous species other than water: Unit activity of the species in a hypothetical 1 
molal solution referenced to infinite dilution at any pressure and temperature. 
Gibbs Free Energy 
The standard state Gibbs free energy ( 0,TPGΔ ) of minerals, gases, and aqueous species at T
and P can be calculated from the standard state Gibbs free energy of formation ( 0GfΔ ) of 
the species from its elements in their stable phase at the reference pressure (P0) and 
temperature (T0), and a term accounting for the differences in the standard state Gibbs free 
energy of the species that arise from changes in pressure and temperature ( 0 ,
0
, 00 TPTP
GG − ):
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, 00 TPTPfTP
GGGG −+= ΔΔ               (aI-1)
For the j-th aqueous solute species, the second term on the right hand side of equation aI-1 
can be calculated as (Tanger and Helgeson, 1988) 
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where Ψ and ? are constants equal to 2600 bar and 228 K, respectively, S0 is the standard 
state entropy, Z and Y are solvent Born functions (dependent on both pressure and 
temperature), ai,j and ci,j are P/T independent adjustable regression parameters unique to the 
j-th aqueous solute species, and w is the Born coefficient. 
For a mineral or gas, equation aI-2 is transformed into 
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where ?P (0 for gases) denotes the number of phase transitions from (P0, T) to (P, T). Pti,T
represents the pressure of the i-th phase transition at T, where P0 < Pti,T < P. ?T (0 for 
gases) is the number of phase transitions from (P0, T0) to (P0, T), being T1 = T0 and Ti>1 = 
min(T, Tti-1,P0). ai, bi, and ci correspond to adjustable regression coefficients that are unique 
to the specified mineral or gas from Ti to Ti+1. V0 and H0 are the standard molal volume and 
standard state enthalpy. 
For any reaction among i’ minerals and gases (excluding water), j’ aqueous solute species, 
and water:
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where ?i, ?j, and OH2ν  refer to the stoichiometric reaction coefficients of the subscripted 
species, R is the universal gas constant, and KT,P the equilibrium constant at T and P.
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Activity Coefficients 
Activity coefficients for cation i, anion l and neutral species n can be calculated as
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where A is the Debye-Hückel parameter, z is the ionic charge, I is the effective ionic 
strength, and bil, bni, and bnl are the short-range interaction parameters. ?? is a mole 
fraction/molality conversion factor:  
)'0180153.01log( m+−=γΓ               (aI-9)
m’ is the sum of molalities of all solute species.  
The activity coefficient for the k-th component consisting of the i-th and l-th ions is 
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iy is defined in the same way as yi, but using I  instead of I. Equations aI-12 and aI-15 can 
be applied to cations and anions. b is the Debye-Hückel B parameter, and åk is an ion size 
parameter for the electrolyte. 
The equations summarized above permit calculation of activity coefficients in mixed as well 
as single electrolytes at 25oC and 1 bar. Complex equations depending on T, P, T0, P0, ai, ?,
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?, w, Y, and ci, among other variables, are used to calculate the short-range interaction 
parameters at any other temperature and pressure. 
Calculations Performed 
Most of the work performed by Helgeson is focused on binary systems. He did not report 
any result for ternary or higher order systems in the papers reviewed (Helgeson and 
Kirkham, 1974a, b, 1976, Shock and Helgeson, 1988, Helgeson et al., 1981, Pokrovskii et 
al., 1997a, b, Sverjensky et al., 1997).  Some work was performed trying to reproduce some 
of those binary results, but the agreement between experimental and calculated data was not 
good. Figures aI-1 and aI-2 show the calculations for the binary systems NaCl-H2O and 
NaOH-H2O. DH-Helgeson refers to the first term of equation aI-10, while Helgeson refers 
to the addition of all the terms in equation aI-10. 
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Figure aI-1. Mean activity coefficient for the system NaCl-H2O at 25oC and 1 bar. 
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Figure aI-2. Mean activity coefficient for the system NaOH-H2O at 25oC and 1 bar. 
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Apart from the impossibility to reproduce Helgeson’s results, the final number of 
parameters required to implement Helgeson’s approach is rather large. Such number 
increases considerably when the temperature and pressure are different from 25ºC and 1 bar. 
Many of the required parameters were not available for most of the scaling minerals of 
interest in the present work. Therefore, the use of Helgeson’s framework for the purpose of 
the present Ph.D. is not a recommendable choice, and it does not report any advantage when 
compared to extended UNIQUAC.  
Bromley’s Model 
The great achievement of the model proposed by Bromley is the use of just one interaction 
parameter for each salt. Many of those parameters are reported in literature (Zemaitis et al., 
1986, Borge et al., 1996, Belaustegi et al., 1998, Raposo et al., 1998).
Chaiko et al. (1988) assure that Bromley’s method often works well for both single and 
multicomponent electrolyte solutions at ionic strengths lower than 6 m. Zhaoyue et al. 
(1995) compared Bromley’s model with Pitzer’s model for binary systems at temperatures 
in the range 15-25oC, and 1 bar. In general, Pitzer’s method performs better, but in some 
systems the agreement between Bromley’s estimations and experimental data was very 
close. Nonetheless, in many other systems Bromley’s model can lead to significant over or 
under estimation.
The molal activity coefficient of ion i in a multicomponent solution at 25oC can be 
expressed as (Zemaitis et al., 1986).  
i
i
i FI
IAz
+
+
−= ½
½2
1
ln γ              (aI-17)
where A is the Debye-Hückel constant, I the ionic strength, and zi the charge of ion i. Fi is a 
summation of interaction parameters. The first term on the right hand side of equation aI-17 
is the Debye-Hückel activity coefficient, used in a mol fraction scale, while the second term 
is given in a molal scale. Therefore, there is some incongruence related to the units chosen 
for equation aI-17. 
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The terms B?  are calculated as 
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Bil is a parameter accounting for ion-ion interactions.  
The equations presented above do not take into account interactions between two ions with 
the same charge, or any higher order interactions. 
For molecular species n, Setschénow equation is used: 
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where 0nm  is the solubility of the gas in pure water, mn the solubility of the gas in the 
multicomponent solution, k the salting out parameter, and ms the molality of the salt in the 
solution. 
The water activity for a single electrolyte solution can be calculated from the osmotic 
coefficient as 
Φν
1000
ln 0 mMa sw −=               (aI-23) 
where Ms is the molecular weight of the solvent, m represents the electrolyte molality, and ?
is the number of ions the electrolyte dissociates into. To calculate the water activity of a 
multicomponent solution it is necessary to apply equation aI-23 to each electrolyte present 
in the mixture. Once these values are obtained, the method suggested by Meissner and 
Kusik can be used (Zemaitis et al., 1986): 
?? +=
i l
ilwilmixw raWa )log()log(
0              (aI-24) 
where ilwa )( 0  is the hypothetical pure solution water activity for electrolyte il. Further 
information about the calculation of Wil and r can be found in Zemaitis et al. (1988). 
The temperature dependence of the activity coefficient presented by Bromley is accounted 
by two terms: The Debye-Hückel A parameter, and the B parameter. Bromley presented two 
alternative equations to correlate the effect of temperature on B, including four additional 
parameters 
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It is believed the use of Bromley’s model is not adequate for multicomponent solutions, 
since it employs the concept “molality of the electrolyte” in equation aI-23 to calculate 
water activity. That term can lead to confussion and different results depending on the 
interpretation given to the system and the electrolytes considered to be formed (i.e., a 
system formed by K+, Na+, Cl- and SO4- can be regarded as a mixture of NaCl and K2SO4;
or Na2SO4 and KCl; or NaCl, K2SO4, and KCl, etc). Table aI-1 shows different result which 
can be obtained using the concept of “molality of the electrolyte” for a multicomponent 
solution formed by CaCl2, CaSO4, NaCl, and Na2SO4, even though the total concentrations 
of the species are constant (4 m Ca2+, 2 m Na+, 3 m Cl-, and 3.5 m SO4-).
Table aI-1 
Different “molality of the electrolyte” results for a common-ion solution  
                Solution 1                  Solution 2
Cation (m) Anion (m) Cation (m) Anion (m)
CaCl2 1 2 0.75 1.5
CaSO4 3 3 3.25 3.25
NaCl 1 1 1.5 1.5
Na2SO4 1 0.5 0.5 0.25
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Appendix II: Conductivity Measurements 
In this Appendix, complementary data and results for the conductivity measurements 
performed for SrSO4-H2O solutions and presented in Chapter 8 are included. 
The amount of initial salt and distilled water used in the preparation of the starting celestite 
(SrSO4) solutions for the different conductivity measurements are reported in table aII-1. 
The added water flow rate can also be seen there. 
Table aII-1 
Experimental conditions 
Experiment  SrSO4 (g) Vinitial (mL) rate (mL·min-1)
1 0.0711 500 0.2
2 0.0718 500 0.2
3 0.0787 500 0.2
Figure aII-1 and aII-2 show the results obtained for experiment 1. A relatively flat zone 
corresponding to a total solution volume around 510-530 mL is observed. From that point, 
the conductivity decreases continuously. This could be interpreted as the result of a dilution 
process. Nevertheless, the first measurements in figure aII-1 show an unexpected positive 
slope. The increasing conductivity with volume must be explained as a dissolution process, 
consequence of the lack of equilibrium in the original sample. This behaviour manifests the 
unsuitability of synthetic methods for our purposes as the time to attain equilibrium is too 
long.
To be completely sure the lack of equilibrium in the original sample was responsible of the 
positive slope in figure aII-1, a new experiment (experiment 2) was performed. In 
experiment 2, additional volumes of water were only added once the initial sample was at 
equilibrium (constant value of conductivity over the time). Stirring was used to accelerate 
the equilibrium, which was only observed after 20 hours. The results for experiment 2 are 
shown in figure aII-3. 
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Comparing figures aII-1 and aII-3, it is clear the initial increase in conductivity observed in 
experiment 1 is consequence of a dissolution process. 
In figure aII-3, a continuous decrease in conductivity is observed. This can only be 
explained as a dilution process, meaning that either the original sample was undersaturated 
(very unlikely) or that the equilibrium is not reached for any of the measurements. The 
excess of SrSO4 placed in the original sample was calculated according to literature data on 
the solubility of celestite in pure water. To verify whether undersaturation was the 
responsible cause of the shape of figure aII-3, a solution containing a rather larger amount 
of salt in the same initial volume of distilled water was prepared (experiment 3). The new 
solution was clearly saturated, and some solid particles could be observed at the bottom of 
the vessel after equilibrium was reached (constant conductivity after stirring the solution for 
several hours). The results for experiment 3 are shown in figure aII-4.  
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Figure aII.4. Results for experiment 3
Figure aII-4 proves the conductivity continuously decreases when adding more solvent, 
even though solid phase is present in the vessel. Therefore, this behaviour must be a 
consequence of kinetic impediments for the SrSO4-H2O system. It is reported by many 
authors that alkaline earth metal sulphates have slow dissolution kinetics. Thus, after adding 
an amount of water, even though such amount is very low, dissolution of solid particles 
takes several hours and the solution is not allowed to reach equilibrium before the next 
addition. So, the dilution effect is much faster than the dissolution process, and the former 
effect is the only one observable in the measurements performed. 
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Appendix III: BaSO4 Solubility in NaCl at High Temperature and 
Pressure
Appendix III is a complement to Chapter 8 on the solubility of BaSO4 in sodium chloride 
solutions at high temperatures and pressures. The experimental conditions used, volumes of 
solution filtrated, ICP-MS results, and BaSO4 concentrations are given in tables aIII-1 to 
aIII-5. Results concerning the system NaCl-H2O are reported in tables aIII-6 to aIII-9. 
The calibration curves used for the ICP-MS measurements for samples 1 to 17 are shown in 
figure aIII-1. The results from the ICP-MS analysis performed at the Chemistry department 
of DTU for experiments 1 to 17 are reported in table aIII-1. SD stands for standard 
deviation, and CV is the variation coefficient: 
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Figure aIII-1. Calibration curves for ICP-MS measurements for experiments 1 to 17 
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Table aIII-1 
ICP-MS results for experiments 1 to 17 
Exp. 135Ba (ppb) 136Ba (ppb) 137Ba (ppb) 138Ba (ppb) Mean (ppb) SD  (ppb) CV  (%)
1 1543.44 1561.01 1550.65 1565.50 1555.15 9.98 0.64
2 2072.65 2074.04 2074.08 2021.59 2060.59 26.01 1.26
3 1775.02 1789.19 1783.58 1768.95 1779.18 8.97 0.50
4 1751.30 1759.40 1754.89 1748.29 1753.47 4.79 0.27
5 1353.23 1362.34 1357.52 1386.52 1364.90 14.88 1.09
6 1571.53 1574.12 1571.86 1586.50 1576.00 7.10 0.45
7 1374.91 1381.44 1381.86 1408.09 1386.58 14.69 1.06
8 2009.18 2018.96 2007.12 1957.34 1998.15 27.69 1.39
9 2110.26 2118.51 2104.78 2041.09 2093.66 35.49 1.70
10 1545.27 1539.47 1545.25 1567.64 1549.41 12.46 0.80
11 1412.89 1421.26 1421.17 1451.07 1426.60 16.78 1.18
12 2047.93 2041.17 2035.25 1992.80 2029.29 24.87 1.23
13 797.32 803.49 802.25 849.12 813.05 24.20 2.98
14 746.89 750.06 752.38 799.20 762.13 24.81 3.26
15 993.11 995.63 1000.68 1053.01 1010.61 28.44 2.81
16 1124.15 1124.57 1129.97 1176.33 1138.76 25.19 2.21
17 1289.64 1289.39 1293.20 1327.15 1299.85 18.29 1.41
100a 218.636677 218.535794 217.793408 223.234442 219.55 2.48 1.13
a Test-Standard containing 100 ppb Ba2+
The calibration curves used for the second ICP-MS measurements for samples 10 to 17 are 
shown in figure aIII-2. The results from the second ICP-MS analysis performed at the 
Chemistry department of DTU for experiments 10 to 17 are reported in table aIII-2.
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Figure aIII-2. Calibration curves for second ICP-MS measurements for experiments 10 to 17 
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Table aIII-2 
Second ICP-MS results for experiments 10 to 17 
Exp. 135Ba (ppb) 136Ba (ppb) 137Ba (ppb) 138Ba (ppb) Mean (ppb) SD  (ppb) CV  (%)
10 1825.62 1817.95 1802.62 1564.02 1752.55 126.05 7.19
11 1507.72 1507.30 1486.31 1373.16 1468.62 64.42 4.39
12 1895.46 1886.21 1864.30 1618.33 1816.08 132.48 7.29
13 997.13 1000.65 999.37 1000.36 999.38 1.60 0.16
14 856.36 857.56 852.97 880.85 861.94 12.76 1.48
16 1087.37 1091.83 1089.58 1076.24 1086.26 6.92 0.64
16 1038.46 1035.54 1034.72 1031.45 1035.04 2.88 0.28
17 1137.17 1134.62 1127.53 1107.70 1126.75 13.34 1.18
100a 162.53 162.88 162.20 162.23 162.46 0.32 0.20
500b 646.86 651.46 650.38 690.01 659.68 20.32 3.08
1000c 1291.24 1298.00 1291.62 1230.42 1277.82 31.75 2.48
100_2d 188.83 188.82 189.57 194.02 190.31 2.50 1.31
a Standard containing 100 ppb of Ba2+ in 0.1% NaCl solution 
b Standard containing 500 ppb of Ba2+ in 0.1% NaCl solution 
c Standard containing 1000 ppb of Ba2+ in 0.1% NaCl solution 
d Commercial standard containing 100 ppb of Ba2+.
Table aIII-3 
Laboratory ICP-MS results for experiments 1 to 17 and test-standards 
Exp. Ba (?g L-1) CV (%)
1 1700 1.6
2 1400 1.6
3 1300 1.6
4 1300 1.6
5 1200 1.6
6 1300 1.6
7 1400 1.6
8 1200 1.6
10 3600 1.6
11 1300 1.6
12 2900 1.6
13 850 1.6
14 720 1.6
16 910 1.6
16 880 1.6
17 980 1.6
500a 1100 1.6
1000a 1600 1.6
1500a 2000 1.6
2000a 2400 1.6
2500a 3700 1.6
a Standards in 0.1 % NaCl. Their Ba2+ concentration corresponds to the value given in table aIII-3. 
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The sample volumes filtrated in the experiments, the mass of water placed in the dilution 
vessel and the final barite concentration calculated from the ICP-MS results is reported in 
table aIII-4 for experiments 1 to 8, and in table aIII-5 for experiments 10 to 18. 
Table aIII-4 
Experimental variables and calculated concentrations for experiments 1 to 9 
Exp. Time Vfiltrated Dilution mass ICP-MSDTU1 BaSO4,DTU1 ICP-MSLab BaSO4,Lab
(h) (mL) (g) (ppb) (m) (?g L-1) (m)
1 4 74.18 30.03 1555.15 6.34E-05 1700 6.92E-05
2 4a 74.43 30.11 2060.59 8.39E-05 1400 5.69E-05
3 6a 74.32 30.07 1779.18 7.25E-05 1300 5.29E-05
4 2a 74.81 30.20 1753.47 7.14E-05 1300 5.28E-05
5 3 74.81 30.22 1364.90 5.55E-05 1200 4.87E-05
6 2b 74.41 30.13 1576.00 6.41E-05 1300 5.28E-05
7 2 74.16 30.09 1386.58 5.64E-05 1400 5.68E-05
8 6a 74.67 30.23 1998.15 8.11E-05 1200 4.86E-05
9 9a 75.98 30.47 2093.66 8.52E-05 3600 1.46E-04
Table aIII-5 
Experimental variables and calculated concentrations for experiments 10 to 18 
Exp. Time Vfiltrated Dilution mass ICP-MSDTU1 BaSO4,DTU1 ICP-MSDTU2 BaSO4,DTU2 ICP-MSLab BaSO4,Lab
(h) (mL) (g) (ppb) (m) (ppb) (m) (?g L-1) (m)
10 12a 74.88 30.30 1549.41 6.29E-05 1752.55 7.1096E-05 3600 1.46E-04
11 16a 74.72 30.28 1426.60 5.78E-05 1468.62 5.9539E-05 1300 5.26E-05
12 4a 74.93 30.34 2029.29 8.22E-05 1816.08 7.3582E-05 2900 1.17E-04
13 6a 89.90 22.12 813.05 6.18E-05 999.38 7.5961E-05 850 6.45E-05
14 6 102.05 23.04 762.13 5.96E-05 861.94 6.7399E-05 720 5.62E-05
15 6 106.01 23.01 1010.61 8.17E-05 1086.26 8.7837E-05 910 7.34E-05
16 9a 105.15 23.06 1138.76 9.11E-05 1035.04 8.2812E-05 880 7.02E-05
17 5 104.57 22.77 1299.85 1.06E-04 1126.76 9.1815E-05 980 7.97E-05
18 7 105.19 23.02 986.61 7.9207E-05 780 6.25E-05
a Apart form the agitation time reported in table aIII-5, the solution was kept at constant temperature and 
pressure with no agitation for another 16 h. 
b Apart form the agitation time reported in table aIII-5, the solution was kept at constant temperature and 
pressure with no agitation for another 44 h. 
Table aIII-6 reports the NaCl concentration found in samples that have been agitated for 
different periods of time. The experimental samples were diluted with distilled water (the 
dilution rate is reported in the third column of table aIII-6), and the concentration of NaCl 
(CNaCl) was determined by titration with AgNO3 0.1 M: 
NaCl
AgNOAgNO
NaCl V
VC
C
'
33
?
?                (aIII-2) 
where
3AgNO
V is the volume of AgNO3 used in the titration, and V’NaCl is the volume of the 
undiluted NaCl sample (i.e., if the dilution rate is 5:250, V’NaCl = 5VNaCl/250). 
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Table aIII-6 
Determination of the time required to attain equilibrium for the system NaCl-H2O at 30ºC 
and 1 atm using agitation (vibration) 
Exp. Time (min) Dilution NaCl:H2O V AgNO3 _1 (mL) V AgNO3 _2 (mL) V NaCl (mL) NaCl (M) SD (M)
NaCl_1 0 5:250 1.9 1.9 2 4.85 0.00
NaCl_2 15 5:250 2.2 2.2 2 5.61 0.00
NaCl_3 30 5:250 2.1 2.1 2 5.36 0.00
NaCl_4 60 4:250 1.7 1.7 2 5.42 0.00
NaCl_5 90 1:100 2.6 2.6 5 5.30 0.00
NaCl_6 120 2:500 0.4 0.45 2 5.42 0.45
NaCl_7 150 8:500 1.6 1.8 2 5.42 0.45
NaCl_8 270 5:250 5.4 5.3 5 5.51 0.07
NaCl_9 330 5:250 5.2 5.2 5 5.36 0.00
Table aIII-7 
Determination of the time required to attain equilibrium for the system NaCl-H2O at 30ºC 
and 1 atm without using agitation 
Exp. Time (h) Dilution NaCl:H2O V AgNO3 (mL) C AgNO3 (M) V NaCl (mL) NaCl (M)
NaCl_10 1 10:100 91.2 0.05 15 3.04
NaCl_11 3 5:250 9.5 0.1 10 4.75
NaCl_12 5 5:250 9.0 0.1 10 4.50
NaCl_13 7 5:250 10.7 0.1 10 5.35
NaCl_14 23 5:250 5.4 0.1 5 5.40
Table aIII-8 
NaCl solubility in pure water at 30ºC 
Exp. P Vfiltrated Dilution mass Dilution NaCl:H2O V AgNO3_1 V AgNO3_2 V AgNO3_3 V NaCl NaCl SD
(bar) (mL) (g) (mL) (mL) (mL) (mL) (M) (M)
NaCl_15 100 36.23 86.885 10:100 2.7 2.6 2.6 2 6.60 0.14
NaCl_16 300 45.05 60.035 10:100 4.4 4.4 4.3 2.5 5.52 0.07
NaCl_17 300 50.17 75.249 20:200 3.25 3.3 3.3 2 5.38 0.05
NaCl_18 400 45.14 75.487 10:100 3.0 3.1 3.1 2 5.53 0.10
NaCl_19 400 45.16 75.744 10:100 3.2 3.2 3.3 2 5.84 0.10
NaCl_20 400 41.03 75.113 10:100 2.9 3.0 2.9 2 5.80 0.11
Table aIII-9 
NaCl solubility in pure water at 100ºC 
Exp. P Vfiltrated Dilution mass Dilution NaCl:H2O V AgNO3_1 V AgNO3_2 V AgNO3_3 V NaCl NaCl SD
(bar) (mL) (g) (mL) (mL) (mL) (mL) (M) (M)
NaCl_21 100 44.78 71.82 10:100 3.4 3.5 3.5 2 6.89 0.11
NaCl_23 100 40.49 74.92 5:100 1.9 1.9 1.9 2.5 6.87 0.00
NaCl_24 300 45.17 65.72 10:100 5.5 5.5 5.7 3 6.88 0.13
NaCl_25 300 41.24 75.72 5:100 0.7 0.8 0.8 1 6.80 0.47
NaCl_26 500 36.78 74.02 5:100 1.5 1.55 1.5 2 7.45 0.13
NaCl_27 500 42.08 75.45 5:100 2.35 2.3 2.3 3 6.65 0.08
NaCl_28 500 45.12 74.48 10:100 8.65 8.45 8.55 5 6.82 0.07
NaCl_29 500 45.18 74.42 10:100 9.05 9.1 9.3 5 7.28 0.09
NaCl_30 500 45.19 73.40 10:100 9.3 9.35 9.3 5 7.35 0.02
NaCl_31 500 36.47 74.20 10:100 3.45 3.4 3.4 2.5 6.79 0.05
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Figure aIII-3. Experimental setup 
Figure aIII-4. Experimental Setup II 
The high energy demands in our society pose great challenges if
we are to avoid adverse environmental effects. Increasing energy
efficiency and the reduction and/or prevention of the emission
of environmentally harmful substances are principal areas of focus
when striving to attain a sustainable development. These are the
key issues of the CHEC (Combustion and Harmful Emission Control)
Research Centre at the Department of Chemical Engineering of the
Technical University of Denmark. CHEC carries out research in
fields related to chemical reaction engineering and combustion,
with a focus on high-temperature processes, the formation and
control of harmful emissions, and particle technology. 
In CHEC, fundamental and applied research,  education and know-
ledge transfer are closely linked, providing good conditions for the
application of research results. In addition, the close collabora-
tion with industry and authorities ensures that the research activ-
ities address important issues for society and industry.
CHEC was started in 1987 with a primary objective: linking funda-
mental research, education and industrial application in an inter-
nationally orientated research centre. Its research activities are
funded by national and international organizations, e.g. the Tech-
nical University of Denmark.
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